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Summary 
This work cons i sted of invest igations into two areas of the 
chemistry of ionic solutions. 
Vil 
The initial work invoived the comparison of four types of 
extrathermodynamic assumptions which have been proposed for the 
estimation of the free energy of transfer of individual ions from one 
medium to another. It was found that the four types of assump tion, 
the reference electrolyte, large anion-large molecule, large cation~ 
large molecule, and negligible liquid junction potential assumptions, 
gave essentially the same values of the free energy of transfer of t he 
silver ion from acetonitrile to fourteen other solvents. 
With a view to investigate the validity of the negligible liquid 
junction potential assumption, the liquid junction potential of a 
variety of cells was studied~ A good correlation was found between 
the liquid junction potential and the interaction energies of the 
solvents forming the boundary, and evidence for the theoret ical, as 
vell as practical validity of the negligible liquid j unction potential 
assumption was found 
The remaining work was an investigation into the importance of 
specific ion-solvent interactions , particularly complexing of cat ions 
by solve:it molecules, to the salvation energy of ions. It was found 
that free energies of transfer of cations, from water to a variety of 
solvents, and the variation of free energies of transfer of ions with 
changes in the composition of some binary solvent mixtures, could be 
adequately explained in terms of specific ion-solvent interactions. Tn 
view of the generality and magnitude of these effects it was suggested 
that specific ion-solvent interactions should form a part of any general 
theory of ionic salvation . 
Finally, some applications of this work to industrial processes 
were investigated. 
CHAPTER I 
A Comparison of Some Extrathermodynamic Assumptions for 
the Determination of the Free Energy of Transfer 
of Individual Ions 
1 
In any multiphase system at equilibrium the free energy (~G ) of 
any component, i, is equal in all of the phases present. For example 
the free energy of an electrolyte in a saturated solution in any medium 
is equal to its free energy in the appropriate solid phase, and 
correspondingly equal to its free energy in a saturated solution in any 
other medium. However, the concentrations of saturated solutions in 
different media may be very different and so the free energy per mole 
of solute can vary widely between different media. To compare the free 
energies of different species in solution a formal standard state must 
be defined, and for this work the molar scale, with the standard state 
of a 1 molar solution, corrected to infinite dilution (in any solvent) 
has been selected. The standard free energy of a species i in a 
solvent, S, can be compared to its standard free energy in a reference 
solvent, R, by equation 1 where a. refers to the activity of a lM 
l 
~Go(i)S = ~G0 (i)R - RT ln(ai)S 
(~)R 
solution of i in the appropriate medium. 
(1) 
The term 
free energy of transfer of one mole of i [~G (i)] from one litre of 
tr 
infinitely dilute solution in solvent R to one litre of infinitely 
dilute solution in solvent S. Therefore we have 
~Go(i)s = ~G0 (i)R + ~G (i) (2) tr 
and ~G (i) = - RT ln(ai) S • (3) tr 
(ai)R 
2 
For non-electrolytes and whole electrolytes 8.G can be determined 
tr 
exactly from measurements of thermodynamic quantities such as solubility. 
However, as Guggenheim (1929) points out thermodynamic measurements 
cannot be carried out on individual ions, for example the solubility of 
sodium ions in water is an idea with no physical significance, and so 
it is impossible to measure unambiguously 8.G values of individual 
tr 
ions. Despite this, it is reasonable to assume that 8.G values of 
tr 
strong electrolytes in dilute solution are composed of 8.G values for 
tr 
each of the individual ions involved, and that estimates of the 
individual ion components would provide information (Popovych, 1970) 
about the processes involved in ionic salvation. 
A variety of extrathermodynamic assumptions for determining 8.G 
tr 
of individual ions have been proposed, and these have been the subject 
of excellent reviews by Parker (1969), Popovych (1970) and Kolthoff 
(1971). 
The Born (1920) equation (4), where Z. is the ionic charge of i, 
l 
(4) 
e
0 
the charge of an electron, ri the ionic radius of i and SR and s5 
the dielectric constants of solvents Rand S respectively, provides the 
basis of much of our understanding of ionic salvation, and so is the 
basis of the assumptions proposed. From equation (4) it is apparent 
that the smallest values of 8.G should be for large ions with single 
tr 
charges, and should exist between solvents with equal or similar 
dielectric constants. Also, since the ionic charge appears as a squared 
term, 8.G should be equal for an anion and a cation of equal radius and 
tr 
charges between any two media. A second source of salvation energy 
which must be accounted for is specific solvent, solute interactions, 
such as hydrogen bond formation or ion dipole interactions; and the 
3 
assumptions proposed either assume that this is negligible, particularly 
for large ions, or that it can be compensated for as a neutral component 
of salvation energy. 
Pleskov (1947) proposed that the ionic salvation energy, and hence 
the redox potential of a sufficiently large cation would be constant 
and chose the rubidium ion (r = l.48A0 , Pauling, 1940) as a suitable 
reference. 
Later Coetzee and Campion (1967) calculated a value of 6G (Rb) 
· tr 
from water to acetonitrile, based on the Born equation (4) and a 
corrected ionic radius for the rubidium ion. 
Feakins and Watson (1963) determined val ues of 6G (H+) and 6G 
tr tr 
(Cl) from water to water-methanol mixtures by plotting 6G of the 
tr 
halogen acids and alkali metal chlorides against the inverse of the 
radius of the counter ion . The value of 6G for the individual ions tr 
were taken as the value of 6G at infinite counter ion radius (i.e., tr 
-1 
r = 0). Alfenaar and de Ligny (1967) used a similar extrapolation 
method but included a neutral component, based on the solubilities of 
the appropriate inert gas, in their values of 6G . 
tr 
A second approach to the problem is to equate the 6G of an ion 
tr 
with that of either a second, oppositely charged ion or a neutral 
molecule. 
The species chosen for this type of assump tion are almost 
invariably large complex ions with alkyl or aromatic ligands presenting 
an essentially non-interacting surface of hydrogen atoms to the 
surrounding solvent. They are also chosen with similar sizes and 
ligands so that ef fects such as polarization and structure making or 
breaking should be similar. Strehlow (1952) suggested that 6G 
tr 
of large organometallic ions and their neutral analogs should be equal, 
and proposed that the ferrocene-ferricinium, and cobaltocene-
4 
cobalticinium systems were suitable for the assumption. The latter 
system is unstable in many media but the former has gained considerab l e 
acceptance, particularly among European workers (e.g., Breant, et aZ., 
1970, and Barraque, Vedel and Tremillon, 1968). Grunwald, Baughman 
and Kohnstam (1960) suggested that the assumption could be applied 
to the large tetrahedral tetraphenylarsonium (Ph4As+) ana tetraphenyl-
phosphorium (Ph 4P+) cations, tetraphenylmethane (Ph4C) and the tetra-
phenylborate (Ph4B) anion. The combinations of these available 
provide a group of easily compared assumptions. Of these the reference 
electrolyte assumption involving Ph4AsPh4B has gained the widest 
acceptance (cf. Kolthoff and Chantooni, 1971, Parker and Cox, 1972). 
Popovych and Dill (1966) suggested that triisoamyl-n-butylammonium 
tetraphenylborate (TABPh4B) would be a suitable reference electrolyte. 
Parker and Alexander (1968) proposed two assumptions of this type 
involving the transition state and reactant in carefully selected 
organic substitution reactions. They also suggest that in certain 
cases it may be possible to suppress the liquid junction potential in 
an electrochemical cell, by separating the half cells with a salt 
bridge,. and to determine .6 Gtr values from measurements of these cells. 
Assumptions involving reference electrolytes -or reference ions 
and non-electrolytes are the most popular of the assumptions proposed 
and are experimentally the simplest to use. Therefore it seems likely 
that any universally adopted assumption will be of this type. In view 
of this, and the fact that no assumption can ever be proved correct 
or incorrect, it was decided to compare ~G values from a reference 
tr 
solvent into a variety of other solvents based on some of these 
assumptions. 
Because of the large amount of available data, the silver ion 
was chosen for study and values of ~G cj,_g,+) based on the different 
tr-.... 
assumptions were compared. 
Table 1 
Solvent Properties 
MeCNa a P.C. Me 2co TMS 
DMFa a DMAa DMSOa HMPTa MeOHa EtOH HCONH2
a H Oa MeN02 NMePy 
TFE 
.. 2 
Bp (0c) 80.1 100.8 241.7 56.2 285 152.5 202 165.5 189 235 " 65. 0 78.3 193 100.0 74 
Mol. Wt. (M) 41 61 102 58 120 73.1 99.1 87.1 78 179 32 46 45 18 100 
Density 
g.ml-1 
(d20°C) 0.7856 1.1354 1.0257 0.784625b 1.2615300 0.9445 1.0327 0.9366 1.1014 1.0253 0.7914 0.78 506250 1.139 0.9982 1.3816250 C 
Dielectric 
constant 
(E) (25°c) 37.5 38.6 64.4 21.26200 44300 36.7 31.5 37.8 48.9 29.6 32.6 24.30 109.5 78.5 26.14c 
Dipole ~ 
Moment (D) 3.84 3.44 2.72 4.69 3.82 4.09 3.79 4.3 5.37 1.70 1.68 3.25 1.84 
Viscosity d (25°C) cP 0.345 0.62 0. 295~·300 9.87300 0 .. 796 1.83 0.919 2.000 0.345 0.547 1.08 3.31 1.00 1 .780 
Refractive 
index n20 1.3441 1.3935 1.4212 1.356092501.4742300 1.4269 1.4706 1 .4351 1.4783 l.344l 1.3288 1,35941250 1.4453 1.333 1.768c 
D 
a) A.J~ Parker, Chem. Rev., 69, 1, (1969). 
b) Electroanalytical Chemistry, Vol., 2, A. J . B~d, Ed., IVIa.rcel Dekker I nc . ; Nes, York ( 1969), Chap . 2. 
c) L.M. Muckerjee and E. Grunwald, J.P.C., 62 , 1311, (1958) . 
d) J. Murto and E.L. Heino, Suomen. Kem. B, 39, 263, (1966). 
e) Abbreviations: MeCN, acetonitrile; MeN02 , nitromethane; P.C., propylene-carbonate; Me 2co, acetone; TMS, sulpholane; DMF, 
dbnethylforroamide; NMePy, n-.methyl-2-pyrrolidone; DMA , dimethylacetamide; DMSO, dimethylsulphoxide ; HMPT , hexamethyl-
phosphoramide; "MeOH, methanol ; EtOH, ethanol; HCONH2 , form.amide; H2o, water; TFE , t r ifluoroe t hanol , 
u, 
The solvents studied (Table 1) included both protic and aprotic 
and covered a range of dielectric constant from 21 (acetone) to 110 
(formamide). They included many of the more common media for organic 
reactions (Parker, 1969) and non-aqueous batteries (Butler, et al., 
1969) which are two of the most important practical areas of non-
aqueous chemistry. 
Acetonitrile (MeCN) rather than water (H
2
0) was chosen as a 
reference solvent because of uncertainty about some experimental 
6 
results, particularly those involving the Ph4B anion and the ferrocene-
ferricinium system (Parker and Alexander, 1968; Kolthoff and Chantooni, 
1971) in water and because of the large amount of data available in 
MeCN. 
Results 
Solubilities 
The solubility products 2 -2 (K mole litre ) of several electrolytes 
sp 
and the solubilities (S,mole -1 litre ) of Ph4c are reported in Table 2 
as pK and pS (pK = -log K) respectively. Many of the results in 
sp 
Table 2 have been reported previously (Parker and Alexander, 1968) but 
were not corrected for ionic activity effects or ion pairing. 
In view of Butler and Synott's (1970) success in calculating 
mean ionic activity coefficients ("f+) it was decided to calculate 
these from the Davies (1962) equation: 
log Y+ = rc-
1+/c -; l 
-1 
where c is the electrolyte concentration (mole litre ) and the 
constant A was calculated from the expression 
(5) 
7 
Table 2 
Solubility Products (K 
sp 
2 -2 
- mole litre ) of solutes 
K a -Log 
- log S sp 
Solvent f Ph Cc AgBr Agl AgN3 AgSCN AgBPh4 Ph4AsBPh4 Ph4Asl 4 
MeCN 1 ,,543 3.2 13.2b 14.5b 9.9b 10.3b 7.5b 5.8b 2.7b 
1,479 3.4 21.9 22.7b b 18.lb 15.6 5.7 2.1 MeN02 17 .6 
P.C. 0..,686 3.2 20.6 20.9b 16.5 16.4b 12.8 4.6b 1.7 
Me 2co 3.616 2.8 21.1 22.0b 17.7b 13.1 8.0 4.5 
TMS 30° 1.244 2.7 18.7 19.0b 14.9b 10.2 5.2b 2.5 
DMF 1 '9L1. ) ' 2.5 15.3b 13.7b · 11. 3 b 11.8b 7.lb 3.9b 1.9b 
N""MePy 2.004 2.0 14.2b 15.0 11.6 9.7b 4 . 9 3.3 2.1 
D}fA 1.525 2.4 14.8b 15.0b 11.lb 10.8b 6.2b 4.0b 2.4 
DMSO 1.115 2.4 10.8b 11.6b 6.9b 7.5b 5.lb 3.6b 2.3 
HMPT 2.036 2.3 12.7b 13.7 9.4 8.3 3.7 3.8 
XeOH 1.900 3.7 15.5b 18.6b 11.5b 14.2b 14.4e 9.0b 2.3b 
EtOH 2.956 3.7 16.1 19.1 12.lb 14.4 9.4 3.7 
HCONH2 0.309 4.9 
11.5b 14.6b ·8.0b 10.0b 10.3b 8.8b 2.0b 
H20 0.509 
7.8d 12.3b 16.0b 8.6b 12.7b 17.2e 17.3e 5.lb 
TFE 2.657 19.7 23.4 
a) This work unless otherwise indicated. 
b) A.J. Parker and R. Alexander, J. Arn. Chem. Soc., 90, 3313 (1968). 
c) - log solubility. 
d) B.G . Cox, A.J. Parker, J. Arn. Chem. Soc., 94, 3674 (1972). 
e) .M. Kolthoff and M.K. Chantooni, Anal. Chem., 44, 194 (1972; J. Arn . 
Ch em . S o c • , 9 3 , 7 10 4 ( 19 7 1) • 
f) Abbreviations as in Table 1. 
g) Debye- Huckel A. parameters, l.823xl06 (sT)-312 using dielectric 
constants from Table 1. · 
8 
A = 
6 1.823 X 10 
(sT)3/2 (6) 
wheres is the so lvent dielectric constant and T the absolute 
temperature. The A factor for each solvent is listed in Table 2 along 
with the corrected s olubility products. 
The solubility products and ionic strengths i n acetone (Me2co), 
ethanol (Et0H) and trifluoroethanol (TFE) were also adjusted for ion 
pair formation. Association constants for t he tetraalkyl ammonium 
salts and the iodides of various cations are similar in solvents of 
similar dielectric constant (Table 3) so that the ionic strengths of 
electrolytes were estimated from the strengths of related electrolytes . 
The association constant of Ph4Asl was taken to be 150 in acetone, in 
line with those of similar electrolytes, and that of AgClo4 was taken 
to be < 100 in all solvents other than Me2co, which is consistant with 
values in methanol (Me0H), Et0H, MeCN, and nitromethane (MeN02), all 
of which have low dielectric constants (Table 1). 
No measurements involving the BPh4 ion could be carried out in 
TFE because the ion was unstable in this acidic medium. Also AgPh4B 
was apparently too soluble (>0.SM) in hexamethylphosphoramide (HMPT) 
for meaningful measurements to be made. 
Rate constants 
-1 -1 The second order rate constants (k, mole litre sec ) for the 
aromatic substitution reaction (SNAr) of azide ion with para-
nitrofluorobenzene, and the substitution reaction (SN2) of thiocyanate 
or bromide ion with methyliodide are listed as log kin Table 4. 
9 
Table 3 
Association Constants (KA M-1) in Non-aqueous Solvents at 25 0 
l og Kdd 
Solventcc A 
Salt Me0H Et0H Me 2co MeCN MeN02 DMF DMA TMS(30°) TFE 
LiPic 2.ooa 2.91 b 2.82c 4.2c 
NaBr 1.ood 1.61c 0.90e 0.75f 
KPic l.llg 2.46b 2.18h i f s s 
KI l.lld l.70j 2.26k 0.301 1.60m n f 0.81m s s 
NEt 4Pic 1.26° 1.84P 1.65b 
1.ooq C s 
NBulj_Cl r l.59S 2.78k t l.34u a s s s 
NBu 4I 
l.20r 2.09S 2.37a 0.48v 0.92 2 f 1.95a s 
NBu4BPh4 
1.57w X 1.34a s 
NEt 4I 
1.36c 2.llS 2.lla 0.70y C 1.082 f 0.56m s s 
AgN03 1. 89j - 2. 41 j 5.43aa l.85bb 2.60n 
AgCl04 
C 1.56c 2.26a bb C s s s 
NBu4c104 
2.06a 
a) A.J. Parker and D.A. Palmer, unpublished work. 
and C.A. Kraus, J. Am. Chern. Soc., 70, 1709 (1948). 
b) M.R. Reynolds 
c) Reference 12. 
d) R.E. Jervis, D.R. Muir, J.P. Butler and A.R. Gordon, J. Am. Chern. 
Soc . , 75, 2855 (1953). e) D.P. fuileS and P.G. Sears, J. Phys. Chern. , 
59, 16 (1955). f) G.R. Lester, T.A. Gover and P.G. Sears, J. Phys. 
Chern. , 60, 1076 (1956). g) D.F. Evans and T.L. Broadwater, J. Phys . 
Chern., 72, 1037 (1968). h) I.M. Kolthoff, M.K. Chantooni and s. 
Bhownik, J. Arn. Chern. Soc., 88, 5430 (1966). i) P.G. Sears, R. Wol f ord 
and L.R. Dawson, J. Electrochern. Soc., 108, 633 (1956). j) G. Charlot 
and B. Trernillon, 'Chemical Reactions in Solvents and Melts', Pergamon 
Press, London , England, 1969. k) L.G. Savedoff, J. Am. Chern. Soc., 
~ , 664 (1966) . 1) G.J. Janz and M.J. Tait, Can. J. Chern., 45, 1101 
(1967). rn) R. Fernandez-Prinz and J.E. Prue, Trans. Farad. Soc., 62, 
1257 (1966). n) J.E. Prue and P.J. Sherrington, Trans. Farad. Soc., 
57, 1795 (1961). o) F. Accascina, A. D'Aprano and R.M. Fuoss, J. Am. 
Chern. Soc . , 81, 1058 (1959). p) R. Whorton and E.S. Amis, Z. Physik. 
Chem. (Frankfurt), 17, 300 (1958). q) C.M. French and D.F. Muggleton, 
J. Chem. Soc., 2131 (1957). r) R.L. Kay, C. Zawoyski and D.F. Evans, 
(Continued on p. 10) 
Table 4 
-1 -1 Second Order Rate Constants (k, mole litre sec ) of Nucleophilic 
Substitution Reactions at 25°c 
Solvent 
Reactants 
-RX+ y 
CH3I + NEt 4SCN 
CH3I + NEt4Br 
4N02C6H4F + 
NEt 4N3 
b 
MeCN 
-1.82 
-1M20 
-3.3 
log k C 
P.C. Me2co NMePy DMSO 
-1.69 -0.82 -0.28 -1. 32 
+1.0 
-3.02 -2,3 1.9a -3.3 
EtOH 
-3.5a 
a) This work; all other rate constants are from A.J. Parker, 
Chern. Rev., 69, 1, (1969). 
b) Abbreviations as in Table 1. 
c) All reactants at 0.02 + 0.05M. 
(Continued from p. 9) 
TFE 
-5e4a 
J. Phys. Chern., 69, 4208 (1965). 
Phys. Chern., 72, 3281 (1968). 
s) D.F. Evans and P. Gardarn, J. 
t) R.L. Kay, S.C. Blum and H.I. 
10 
Schiff, J. Phys. Chern., 67, 1223 (1963). u) H. Elias and H. 
Strecker, Chern. Ber., 99, 1019 (1966). v) D.F. Evans, C. Zawoyski 
and R.L. Kay, J. Phys. Chern., 69, 3878 (1965) ~ w) M.A. Coplan and 
R.M. Fuess, J. Phys. Chern., 68, 1177 (1964). x) D.S. Berns and R.M. 
Fuess, J. Am. Chern. Soc., 82, 5585 (1960). y) A.I. Popov and N.E. 
Skelly, J. Am. Chem. Soc., 76, 5309, (1954). z) P.G. Sears, E.D. 
Wilhoit and L.R. Dawson, J. Phys. Chern., 59, 373 (1955). aa) V.S. 
Griffiths and K.S. Lawrence, J. Chern. Soc., 1208 (1955). bb) H.L. 
Yeager and B. Kratochvil, J. Phys. Chern., 73, 1963 (1969). 
cc) Abbreviations as in Table 1. dd ) s i,.Jdicates a strong e l ectrolyte 
11 
The Ferrocene-Ferricinium System 
+ The ferrocene-ferricinium (Fe - Fe) system was studied by cyclic 
voltammetric measurements on cell A. 
Solvent S Solvent S 
Ag I AgC104 (0.0lM) TEAP (0.0lM) I I TEAP (0.02M) I I 
Fe (2xl0-4M) TEAP (0.02M) I Pt cell A 
So l vent S 
where TEAP is tetraethylammonium perchlorate and the results are 
listed in Table 5. In the case where solvent S was water near 
-5 
saturated solutions of Fe (ca. 2xl0 M, Barraque, Vedel and Tremillon, 
1968) were used. 
Low electrolyte concentrations (0.02M) were used to minimize salt 
activity effects and from the Henderson equation (D.A. Maclnnis, 1961, 
chap. 13; cf. Chap. II) one would expect no liquid junction potential 
in cell A. 
At slow scan ratio (lV min-1) the cyclic voltammograms were 
normal and typical for a reversible, one electron process (Fig. l); 
peak separations were characterist i cally 60 to 70 mv (Nicholson and 
Shain, 1964) with the exceptions of Et0H (90 mv) and HMPT (80 mv). 
The half wave potentials (E1 ) were determined from the anodic peak 72 
potentials (Epa) by equation 7. 
= Ep -28 
a 
(7) 
where the potentials are in _mv. The E1 values measured are close to 72 
the standard electrode potentials (E0 ) for the system since the 
+ diffusion coefficients of Fe and Fe , as determined from the relative 
diffusion currents of the oxidation and reduct i on steps, are nearly 
equal (cf. Milazzo, 1963, p.333). 
+10 
+5 
...... 0 
-5 
-10 
B 
+2 
+l 
-1 
-2 
+200 
-200 0 
0 
+200 
EMF (rnv) 
-200 
EMF (rnv) 
12 
+400 +600 
-400 -600 
Figure 1. Cyclic voltammograrns of the ferrocene couple against 
the AgjAgCl0 4 (o.OlM)j I electrode in DMSO (A) and H20 (B). 
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peak separations were characteristically 60 to 70 mv (Nicholson and 
Shain, 1964) with the exceptions of Et0H (90 mv) and HMPT (80 mv). 
The half wave potentials (E1 ) were determined from the anodic peak Yz 
potentials (Epa) by equation 7. 
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+ diffusion coefficients of Fe and Fe , as determined from the relative 
diffusion currents of the oxidation and reduction steps, are nearly 
equal (cf. Milazzo, 1963, p.333). 
Ag 
Table 5 
Cyclic Voltammetry in the Cell 
AgClo4 (0.0lM) 
TEAP (0.0lM) 
Solvent 
-
MeCN C 
MeN02 
P.C. 
Me2co 
C 
Sb 
TMS 30° 
DMFc 
NMePy 
DMA 
DMSOc 
HMPTc 
MeOHc 
Et0H 
HC0NH2 
H20 
TFE 
TEAP ( 6 . 62 1:) Ferrocene ( 2xl0-4M) 
TEAP (0.02M) 
+a E0,0lM Ag 
mv 
Pt 
-90 (-56)d (-74)f 
+452 
+357 (+380)e 
+185 (+192)d 
+237 
-23 (-42)d (-18)g 
-88 (-90)g 
-103 
-190 
-286 
+145 
+78 (+39)d 
+61 
+272 
+628 
13 
a) + E0.0lM Ag = -(E½ Ferrocene vs. Ag(0.0lM) reference electrode) by 
cyclic voltammetry. 
b) Abbreviations as in Table 1. 
c) This work; all others measured by Dr J,Ho Sharp; R. Alexander, 
A.J. Parker, J.H. Sharp and W.E. Waghorne, J. Am. Chem. Soc., 2.,~, 
1148 (1972). 
d) C. Barraque, J. Vedel and B. Tremillon, Bull. Soc. Chem. (Fr.), 
3421 (1968). 
e) J. Courti t-Coupez and M. L'Her, Bull. Soc. Chem. (Fr.), 675 (1969). 
f) J.M. Kolthoff, F.G. Thomas, J. Phys. Chem., 69, 3049 (1965). 
g) M. Breant, C. Buisson, M. Porteix, J.L. Sue, J.P. Terrat, J. 
Electroanal. Chem., 24, 409 (1970). 
Where comparisons with values already in the literature were 
possible (Table 5) agreement was generally good. The literature 
values were measured in a number of different ways in a variety of 
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supporting electrolytes Agreement was poor, however~ for measurements 
carried out in MeOH where the literature value (Benoit, 1968) of +228 
mv for cell A, which was de termined potentiometrically, is quite 
different from the 145 mv value determined in thir- work . Current 
chronopotentiometric studies were carried out on the system in MeOH 
and NeCN Dr J.Htl Sharp, in conjunction with this work), and indicated 
that the ferricinium ion underwent a chemical reaction in the alcohol 
although it was stable in MeCN. Moreover, potentiometric measurements 
of the system gave the value of +245 mv. From this it would appear 
that the voltammetric results are to be preferred, because of the time 
delay in potentiometric measurements and decomposition of ferricinium 
ion. 
Discussion 
The four types of assumption studied in this work are first 
considered in some detail. 
The Reference Electrolyte Assumption [6Gtr (c":) = 6G (A ] 
tr -
. + The assumption is applied to large symmetrical cations (C) and 
anions (A) having similar structures and ligands. The most popular 
choices of electrolyte are Ph4AsPh4B, as proposed by Grunwald, 
Baughman and Kohnstam (1960, cf. Kolthoff and Chantooni, 1971) and 
TABPh4B as proposed by Popovych and Dill (1965, cf. Popovych, 1970). 
Both present an array of hydrogen atoms, bonded to carbon, to the 
surrounding medium so that specific effects, such as hydrogen bond 
formation or Lewis acid base interactions between the ion and solvent 
15 
molecules, should not be present. Since the ions chosen have similar 
radii, equal charges and similar organic ligands, effects from ion 
dipole, and dispersion force interactions, which depend on charge 
density and ionic polarizability, should be comparable. Moreover, 
since the ions chosen are large (r = 4A0 ; Grunwald, Baughman and 
Kohnstam, 1963) and of comparable sizes, the electrostatic component 
of 6G (equation 4) should be small and nearly equal , even if the tr 
media involved have very different dielectric constants. 
Grunwald, Baughman and Kohnstam (1960) pointed out that Ph
4
As + 
was not entirely satisfactory as an anolog to Ph4B , since resonance 
forms, involving electron donation to the arsenic from one of the 
phenyl rings, accompanied by leakage of the positive charge onto the 
ring were available while no comparable structures were available in 
Ph4B. 
+ This leakage of charge could enable the Ph4As ion to interact 
with solvent molecules differently than the BPh4 ion. Orenberg, et 
al. (1971) have suggested that Ph4As+ in aqueous solutions may be 
pent~coordinate, and thus not tetrahedral, with H2o occupying the 
fifth coordination site, while in methanol it remains tetracoordinate. 
Also Coetzee and Sharp (1971) indicate, on the basis of proton 
magnetic resonance (pmr) chemical shifts, that there may be specific 
interactions between different solvent molecules and the phenyl rings 
of the reference ionsa It is difficult to assess the effect of these 
possible flaws on the validity of the assumption. Coetzee and Sharp 
+ find differences in the relative chemical shift caused by Ph 1 As and 
.:.+ 
+ Ph4P on different solvents, and quite correctly conclude that the 
ion-solvent interactions may be different, but work in this laboratory 
in conjunction with pmr studies of ionic salvation indicates that 
there is little correlation between the chemical shifts of solvent 
molecules and the free energy of the ion-solute interaction. Also 
+ + the pmr chemical shifts of Ph4As , Ph4P and Ph4B all change in the 
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same manner between H2o and the dipolar aprotic solvents, and show 
only slightly different behaviour in MeOH, EtOH and H2o. Undoubtedly 
+ the possibility of direct H2o-arsenic interactions i1 aqueous Ph4As 
solutions could be the most damaging to the assumption. Orenberg et 
al. comment that the evidence is not unambiguous and no other work 
has been reported on the problem. 
The TABPh4B assumption proposed by Popovych and Dill (1966) has 
the inherent problem that the ligands of t he two ions are different 
and so could interact with the solvent differently; however, the use 
of the TAB+ ion could not arouse t he same objections as use of the 
+ Ph4As ion. Where compar isons of results from the Ph4AsPh4B and 
TABPh4B assumptions can be mad e agreement is generally excellent 
(Popovych, 1970), i ndicating that the specific effects possible for 
+ the Ph4As ion do not involve large energies. 
Values of 6G (Ag+) fr om MeCN to the various solvents S were 
tr 
calculated from the solubility products (Ksp) of AgPh4B and Ph4AsPh4B 
by equation 8 
Ksp(Ph4AsPh4B)s l 
K8 p(Ph4AsPh4B)MeCN 
(8) 
in all solvents except HMPT, _for which a less direct calculation 
(equa~ion 9) involving K (AgI) and K (Ph4·AsI ) was necessary because of sp sp 
the high solubility of AgBPh4• 
+ 
ln [ 
K (AgI)S l RT ln [ K (Ph4AsI) 8 l 6G (Ag )= -RT sp s:e tr K (AgI) M CN -f Ksp(Ph4AsI)MeCN sp -e 
( Ksp(Ph4AsPh4B)s l RT ln l (9) - 2 Ksp(Ph4AsPh4B)MeCN 
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Experimentally the assumption presents a variety of problems. 
The solubility of Ph4AsPh4B is fairly high in some media (O.OlM in 
dimethylformamide) and so corrections for Debye-Huckel activity 
coefficients (equation 5) could be significant. Spectroscopic (ultra-
violet) studies indicated rapid decomposition of the Ph4B anion in 
TFE and acidified EtOH, and it is not unlikely that slower decomposition 
may occur in less acidic protic solvents. 
The formation of crystal solvates with an accompanying change 
in the free energy of the solid pha~e is always possible when solubility 
measurements are made. However, Popovych (1971) and Alexander (1969) 
found no evidence of solvate formation for the electrolytes involved 
in the assumption. 
The Large Anion, Large Molecule Assumption [6Gtr(A) = 6G (M)] 
tr 
For this assumption the reference ion and non-electrolyte 
selected are large, and of similar size, and have similar structures . 
Since the ions selected are large the electrostatic component of 6G tr 
(equation 4) should be small, although not O for media having very 
different dielectric constants. By equating 6G of the reference ion 
tr 
with that of an analogous non-electrolyte it is hoped that specific 
effects, such as ion dipole and dispersion force interactions will be 
compensated for. As in the case of the reference electrolyte 
assumption, the reference ion and non-electrolyte selected present 
an essentially inert surface to the surrounding medium, to eliminate 
specific interactions such as hydrogen bond formation. 
The Ph4B-, Ph4c assumption of Grunwald, Baughman and Kohnstam 
(1960) and the transition stat~ reactant assumptions proposed by 
Parker and Alexander (1968) are representative of this type of 
assumption. The former assumption is complementary to the reference 
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electrolyte assumption involving Ph4AsPh4B; and values of 6Gtr are 
calculated from the solubilities of Ph4c [S(Ph4C)] and Ksp(AgBPh 4) in 
MeCN and the various solvents S by equat i on 10. 
6G (Ag+) =-RT ln 
tr 
(10) 
The latter assumptions are based on the physical organic chemist's 
understanding of reaction mechanisms and transition states. Bimolecular 
substitution reactions (SN2) of methyliodide (CH3I) and aromatic 
substitution reactions (SNAr) of 4-nitrohalobenzenes with various 
. . 
inorganic anions, proceed through a 'tight' transition stat e (Parker, 
1969) containing both the organic substrate and the anionic base. The 
mechanism of the SN2 reactions is quite different from that of the SNAr 
reactions, but in both cases the transition state has the negative 
charge well dispersed. Moreover the transition state anions are ver y 
similar in structure and size to ·the corresponding organic substrates 
(Figure 2). 
Figure 2 
Second order substitution reactions of methyl iodide (CH3I) to 
(SN2) and 4-nitrofluorobenzene with nucleophiles X 
-+ (XCH3I+)-CH3I + X +- -+ CH3X + I 
F+ 
o2N-Q-F - -+ 0 N={v( -+ 0 2N -Q-x+ F + X +- 2 , __ 
X 
If it is accepted that the transition states are in equilibrium with 
the reactants and surrounding medium, the rate constants (k) in 
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different media can be used to calculate !::.G values (equation 11) by tr 
assuming !::.G (Substrate)= !::.G (Transition State Anion). 
tr tr 
+ 
< La [ 
KsE (Agx) .. s ) RT ln [ ks ] (11) !::.G (Ag ) ~ + tr Ksp(AgX)MeCN 
~eCN 
where the rate constants k refer to the reaction of the organic substrate 
with the anion X in MeCN and the solvents S, and the solubility products 
[K (AgX)] refer to the appropriate silver salt in MeCN and the solvents 
sp 
s. 
The Large Cation,_ Large Molecule Assumption [!::.G (C+) = !::.G (M)] 
-tr tr 
The assumption is based on the same reasoning as the large anion-
large molecule assumption, and so the inherent advantages and 
disadvantages of the two are similar. 
The two examples of this type of assumption studied were the 
+ Ph4As, Ph4C assumption, proposed by Grunwald, Baughman and Kohnstam 
(1960) and the ferrocene-ferricinium assumption (Fe, Fe+) proposed by 
Strehlow (1952). 
+ Values of !::.G (Ag) based on the former assumption were calculated tr 
from the solubility products (K ) of Ph4AsI, and AgI and the sp 
solubilities (S) of Ph4C in MeCN and the various solvents S by equation 
12. 
+ [ K (AgI)S ) RT ln [ K (Ph4AsI)S 6Gtr(Ag )=- RT ln sp sp Ksp(AgI)MeCN + Ksp(Ph4AsI) MeCN 
_ RT ln [ S(Ph4c) 8 ) 
S(Ph4C)MeCN 
(12) 
) 
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The ferrocene assumption is applied by assuming that the potential 
+ of the I Fe, Fe I Pt half cell is independent of the surrounding 
medium, and the values of 6G were determined by assuming that changes tr 
in the potential of cell A with changes in the solvent S, were due 
Solvent S Solvent S 
Ag I AgC104 (O .OlM), TEAP (O.OlM) I I TEAP (0602M) I I 
TEAP (0.02M) Fc(2xl0-4M) Pt cell A 
Solvent S 
entirely to changes in the salvation energy of the silver ion. Values 
+ of 6G (Ag) from MeCN to solvents S were calculated from the potentials tr 
of cell CE in the appropriate media by equation 13 where n is the 
(13) 
=-
number of electrons involved (1 in this case), Fis Faraday's constant 
-1 
and the factor 4.184 converts the 6G values from joules to calories. tr 
Figure 3 
+ The ferrocene-ferricinium couple (Fe, - Fe) 
-+ 
+ 
The Negligible Liquid Junction Potential Assumption [ELJ = OJ 
The factors influencing the liquid junction potential (E11) 
between solutions in different media were the subject of a considerable 
part of this work and are discussed in Chapter II, so only a brief 
discussion of the assumption will be given here. 
A chemical potential is established across a liquid junction if 
transport of a species across the boundary in either direction is 
energetically more favourable tha n i ts transport in the reverse 
direction. In an electrochemical cell this results in an electrical 
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potential if the species concerned are invo lved in the passage of 
electrical current across the boundary. Therefore, to eliminate ELJ . 
it is necessary to ensure that the change in free energy of the current 
carrying ions, and their solvent sheaths, is the same in both directions 
across the boundary. These requirements are similar to those for 
aqueous solutions, for which saturated potassium chloride is well 
established -as a suitable salt bridge electrolyte for the . suppression 
By analogy to the aqueous KCl system, tetraethylammonium picrate 
(TEA Pie) for which the anion and cation have s-imilar limiting , 
equivalent conductances (Table 6) and correspondingly, nearly equal 
transport numbers in a variety of solvents, was selected as a salt 
bridge electrolyte (Parker, 1969). In this case it is necessary that 
values of ~G for the solvent molecules crossing the junction w;th the tr 
ions carrying the current be small, and that ~G for the anion and 
tr 
cation be equal. Hence the assumption is a second application of 
the reference electrolyte assumption. 
The results of measurements on cell B for a variety of bridge 
solvents S2, with s1 as IMSO, HCONH2 , MeOH and H20 are listed in Table 7. 
' 
Ag I AgClo4 (O.OlM) I I TEA Pie (O .lM) I I AgClo4 (O.OlM) Ag 
MeCN Solvent S2 Solvent Sl cell B 
These indicate that the ELJ can be effected significantly by as much as 
100 mv by changes in ~G of the solvent molecules when Sis a protic 
tr 
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Table 6 
Limiting Equivalent Conductances for Ions at 25° 
Solvent a 
MeCNb MeOHc,d EtOHd,e,f H Og_ DMFc,h,i DMACj DMSOk , l m Me2co 2 
+ NEt 4 85.1 60.5 29.3 32.6 35.4 32.7 17.1 91.2 
Pie 77.3 47.1 24.6 30.4 37.5 31.5 17.3 85.3 
-Cl04 103.4 71.0 33.5 67.3 52.4 42.8 24.6 115.3 
a) Abbreviations as in Table 1. 
b) · J.F. Coetzee and G.P. Cunningham, J. Am. Chem. Soc., 87, 2529 (1965) . 
c) J.E. Prue and P.J. Sherrington, Trans. Farad. Soc., 1795 (1961). 
d) R.L. Kay, C. Zawoyski, and D.F. Evans, J. Phys. Chem., 69, 4208 
(1965). 
e) D.F. Evans and P. Gardam, J. Phys. Chem., 72, 3281 (1968). 
f) 'Handbook of Analytical Chemistry', L. Meites (ed.), McGraw-Hill, 
pp.5-34 (1963). 
g) _'Electrolytic Solutions', R.A. Robinson and R.H. Stokes, 
Butterworths, London, p.463 (1959). 
h) P.G. Sears, R.K. Wolford and L.R. Dawson, J. Electrochem. Soc., 103, 
633 (1956). 
i) P.G. Sears, E.D. Wilchoit and L.R. Dawson, J. Phys. Chem., 59, 373 
(1955). 
j) G.R. Lester, T.A. Gover and P.G. Sears, J. Phys. Chem., 60, 1076 
(1956). 
k) D.E. Arrington and E. Griswold, J. Phys. Chem., 74, 123 (1970). 
1) P.G. Sears, G.R. Lester and L.R. Dawson, J. Phys. Chem., 60, 1433 
(1956). 
m) M.B. Reynolds and C.A. Kraus, J. Arn. Chem. Soc., 70, 1709 (1948). 
Ag I AgC104 (0.0lM) 
MeCN 
Table 7 
EMF of the Cells 
NEt 4Pic (0.lM) 
S2 
AgClo4 (0.0lM) I Ag at 25° 
Sl 
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a 
Reference half cell in acetonitrile, effect of salt bridges 
Bridge b 
Solvent ( S2) 
MeCN 
DMS0 
MeN02 
P.C. 
Me0H 
TMS 30° 
DMF 
HC0NH2 
b Solvent 
Sl 
DMS0 
-152 
-149 
-153 
-156 
-149 
-152 
-161 
-162 
-157 
-107 
HC0NH2 
68 
30 
77 
62 
76 
59 
56 
33 
32 
65 
H20 
185 
119 
219 
202 
179 
178 
162 
119 
134 
150 
Me0H 
265 
243 
275 
263 
265 
267 
267 
232 
251 
261 
a) Measured by Dr J.H. Sharp; R. Alexander, A.J. Parker, J.H. Sharp 
and W.E. Waghorne. J. Am. Chem. Soc., 95, 1148 (1972). 
b) Abbreviations as in Table 1. 
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Table 8 
EMF (25°c) of the Cells 
Ag I AgCl04 (0.0lM) 11 TEA Pie (0.lM) 11 AgClo4 (0.0lM) I Ag 
MeCN MeCN or S s 
Sc 
Bridge b Solvent C Solvent tiEobs (rnv) 
a 
MeN02 MeN02 520 
P.C. P.C. 414 
Me 2co Me 2co 308 
TMS 30° TMS 30° 300 
DMF DMF 40 
NMePy NMePy -28 
DMA DMA -25 
DMS0 MeCN -152 
HMPT MeCN -230 
Me0H Me0H +270 
Et0H Et0H +250 
HG0NH2 HC0NH2 +65 
H20 MeCN +185 
TFEa TFE +710 
a) Measured at 0.005M AgClo4 rather than 0.0lM. 
b) Measured by Dr J.H. Sharp; R. Alexander, A.J. Parker, J.H. Sharp 
and W.E. Waghorne, J. Am. Chern. Soc., 95, 1148 (1972). 
c) Abbreviations as in Table 1. 
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solvent, but are small for Slas DMS0 except for S2as HC0 H2 . This 
is in line with the values of 6G for the solvents, which are largest tr 
when protic solvents are involved (see Chapter II). The values listed 
in Table 8 for measurements of cell Care all for systems where 6G of tr 
the solvent molecules is small and therefore the effect should be small. 
Values of 6G from MeCN to solvents Sl were calculated from the 
tr 
potentials of cells C (6E) by equation 14 where the symbols are as 
6G tr nF 4.184 6E 
defined for equation 13. 
(14) 
Ag I AgC104 {0.0lM) 11 TEA Pie (0.lM) 11 AgC104 (0.0lM) Ag 
MeCN 
Comparison of Assumptions 
MeCN or 
Solvent Sl 
Solvent Sl cell C 
Figure 4 shows the values of 6G from MeCN to the fourteen other tr 
solvents studied, based on each of the seven assumptions considered, 
and the numerical values, along with the average deviation, from the 
average value, for each assumption are listed in Table 9. The average 
deviations of all of the assumptions are between 0.5 and 1.2 Kcal 
-1 
mole , which is good agreement considering that the overall range 
-1 
considered is over 20 kcal mole (TFE to HMPT). Moreover, the 
+ 
assumptions all give essentially the same order of 6G (Ag) as only tr 
+ 
eight pairs of solvent (of a possible 91) have 6G (Ag) values within tr 
-1 1 Kcal mole of each other. From this it appears that the assumptions 
should all be acceptable in most cases and that the difficulties put 
forward for the various individual assumptions have small effects. 
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Figure 4+ A comparison of free energies of tr~nsfer of silver ions 
[6G (Ag)] from the various assumptions. 
tr 
- abbreviations as in Table 1. 
Table 9 
Free Energies of Transfer of Silver Ions [6G (Ag+)]a from MeCN to a Variety of Solvents tr 
Assumption GrouE_.l GrouE 2 GrouE 3 GrouE 4 
+ 6G (Ph4B )= 6G (=r-)= 6G (=r-)= 
+ + 6G (Ph4As )= 6G (Fe)= 6G (Ph4As )= Negligible Average tr tr tr tr tr tr 
Solvent 6G (Ph4B) 6G (Ph4C) 6G (ArX) 6G (CH3I) 6G (Fe) 6G (Ph4C) ELJ tr tr tr tr tr tr 
MeN02 11.0 10.3 11.3 11.0 · 12.5 12.2 12.4 11.5 
P.C. 8.0 7.2 8.6 8.2 10 .. 3 10.0 9.4 8.8 
Me2co 6.1 8 .. 2 - 7.8 6.4 7 • 2 7.3 7.2 
TMS 4.1 4 .. 4 5.7 - 7.5 5.7 6.9 5.7 
DMF 0.8 0.4 1.1 1 .. 1 1.5 2.3 1.0 1.2 
NMePy -1.9 -1.9 0.4 -1.6 O.o -0 .. l -0.7 -0.8 
DMA -0.5 -0.7 0.1 -0 .. 8 -0.3 o.o -0.5 -0.4 
DMSO -1.8 -2.2 -4.1 -4.5 -2.3 -4.5 -3.5 -3.3 
HMPT -4.1 - -4.4 -5.6 -4.5 -3.8 -5.3 -4.6 
MeOH 7.2 7.5 7.3 7.2 5.4 6.8 6.3 6.8 
EtOH 6.9 8.7 7.6 7.1 3.8 5. 6 6.0 6.5 
HCONH2 1.8 1.5 2.2 0.8 3.5 3.4 1.4 2.1 
H20 5.0 5.6 3 ,. 7 4.4 8.3 5.0 4.1 5.2 (4.6)b 
TFE 
- - - 14.6 16.6 - 16.9 16.0 
Average deviation 0.8 1.0 0.5 0 . 8 1.0 0.8 0.6 
N 
--..J 
a) -1 Kcal mole , molar scale s 
b) Average excluding the value based on the fer rocene assump tion. 
l 
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There is one significant deviation from the average among the 
values listed in Table 9, the ferrocene assumption into H2o, which 
gives a value of 3.1 Kcal mole-l above the average and 1.7 Kcal mole-l 
above the next highest value into H20. No explanation of this can be 
forwarded on the basis of this work; however, it may be significant 
that while solution concentrations were well below those for a saturated 
solution in most media (2xl0-4M used saturated commonly 10-lM in 
organic media, Barraque, Vedel and Tremillon , 1968), saturated solutions 
were used in the water work. 
It is possible that while there is good agreement among the 
assumptions, the values they give are incorrect, as all of the 
assumptions studied involve equating ~G of two species in solution. 
· tr 
This group of assumptions, however, includes the two most widely 
accepted ones - the reference electrolyte and ferrocene assumptions. 
They are also consistent with the generally held ideas of ionic 
salvation so that systematic flaws must involve flaws in the basic 
salvation theories. 
Practically they are the most easily applied type of assumption 
and so the most attractive to the chemist investigating new media for 
ionic ·reactions. 
Conclusion 
There is little overall difference in values of ~G for 
tr 
individual ions from MeCN to a variety of common solvents based on 
the four types of extrathermodynamic assumptions considered in this 
work. 
CHAPTER II 
Liquid Junction Potentials Between Electrolyte Solutions 
in Different Solvents 
Introduction 
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One of the most precise methods of determining the relative free 
energies of two species in solution is to measure the potential of an 
electrochemical cell in which each of the electrode reactions involves 
one of the species. For example, the free energy (6G) of the chloride 
ion relative to the proton can be determined from the potential of 
cell A. 
Pt [ H2 (1 atm) I HCl (l.OM) I Cl2 (1 atm) I Pt cell A 
and equation 1 
6G = -nF6E (1) 
where n is the number of electrons involved in the overall cell 
reaction, Fis Faraday's constant and 6E the cell potential in volts. 
If it is necessary to prevent mixing of the components of the two half 
cells, as is the case when they involve different media, a liquid 
junction must be formed between the solutions, and an electrical 
potential, associated with the liquid junction, is established. In 
cells involving a liquid junction the measured potential is not simply 
the free energy difference between the electrode reactions, but 
includes the liquid junction potential. 
If it were possible to measure the free energy of transfer of an 
ion (6G ) between two media it would be possible to measure the liquid tr 
junction potential between the media from the appropriate cell A 
potentials (Nelson and Iwamoto, 1963). Similarly knowledge about the 
liquid junction potential between two media would allow the 
determination of 6G values of individual ions between the media 
tr 
(Bates, 1965, chap ,3). 
In the first chapter it was found that the assumption of 
negligible liquid junction potential in cell B gave 6G values for 
tr 
the silver ion from acetonitrile (AN) to a variety of solvents, S2, 
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Ag j AgC104 (0.0lM) 
Acetonitrile 
(Sl) 
TEA Pie (0.lM) 
Bridge solvent 
(S3) 
AgClo4 (0 .0lM) I Ag cell B 
Solvent 
(S2) 
which are consistent with those obtained from the application of a 
variety of other popular extrathermodynamic assumptions . In cell B 
the bridge solvent S3 is AN or S2 and TEA Pie is tetraethylammonium 
picrate. 
Popovych (1970) has commented that the assumption may be 
theoretically unsound but concludes that further investigation could 
prove fruitful. Coetzee, Simon, and Bertozzi (1969) concluded that 
the liquid junction potential between 0,lM tetraethylammonium 
perchlorate in a variety of organic solvents and saturated aqueous 
potassium chloride solutions were not larger than a few hundredths of 
a volt. However, Alfenaar, de Ligny and Remijnse (1967) have found 
liquid junction potentials as high as 270 mv between alkal i metal 
halide solutions in water and methanol, and conclude that 
The diffusion potential between electrolyte 
solutions in different methanol water 
mixtures cannot be suppressed by means of a 
s?lt bridge. 
The theoretical considerations of Alfenaar, de Ligny and Remijnse are 
similar to those of this work, but their experimental approach is 
different, and their conclusion regarding the use of salt bridges to 
suppress liquid junction potentials is incompatible with the 
conclusions drawn from this work. 
Results and Discussion 
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In chapter 1 it was found that in cell B, when S2 was dimethyl-
sulphoxide and the solvent S3 varied over a representative group of 
solvents, the EMF of cell B was independent of the bridge solvent to 
within 5 millivolts. However this was not true when the bridge 
solvent was formamide. The situation where the bridge solvent was 
water was not tested because of the low solubility of TEA Pie in 
water. Further it was found that when S2 was formamide, water or 
methanol, rather than DMS0, the EMF of cell B varied by up to 100 mv 
as the bridge solvent, S3, was changed, indicating the presence of 
significant liquid junction potentials in cell B with certain 
combinations of solvents S2 and S3. This chapter presents an 
investigation into the various factors giving rise to liquid junc tion 
potentials in cells, such as cell B, which contain electrolytes in 
different solvents. 
For the EMF, E of the general cell C, where the solvent is the 
same throughout and all ions are univalent, Guggenheim (1930) derived 
Electrode Solution 1 Transition Bridge solution 3 
(containing RX) reversible to A containing A, layer 
Transition 
I 
Solution 2 
I 
Electrode 
' 
reversible 
Layer ~ containing A to A cell C 
the expression (2). 
1 J2 1 J2 - Lt +dµ + + - Lt -dµ -F R• R F X• X 
1 1 
(2) 
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In equation (2), (aA)l and (aA) 2 are the act ivities of component A in 
solutions 1 and 2 respectively and tR+ and tX- are transport numbers 
of any cation R, and anion X which moves across the junction 6 The two 
integrals of equation (2) represent the liquid junction potent ial 
resulting from the chemical potential changes (dµ) occurring with the 
passage of ions across the junction through the transition layer. It 
is important to note that these two integrals are independent of the 
nature of the bridge solution 3 provided that tR+ and tX- are constant 
throughout the cell. 
Thus we may write equation (3) for cell C 
where E 
e 
E = E + E 
. ' . e J ion 
= !T ln (aA)2 represents the potential difference at the 
(aA)l 
electrodes, and 
E. ' . = J ion + 1 f2Lt -dµ -- X X F 
1 . 
represents the liquid junction potential in cell C. 
(3A) 
(3B) 
If the solvents in solutions 1, 2 and 3 of cell Care different , 
then there will be an additional contribution to the liquid junction 
potential resulting from the change in free energy of any solvent 
molecules which are carried across the boundary by the moving ions. 
For such a cell, the EMF is given by equation (4), where E. J,S 
represents the liquid junction potential due to the transport of 
solvent molecules, S, across the boundary. Following Alfenaar, de 
E = E + E. . + E. 
e J,lOn J,S (4) 
Ligny and Remijnse (1968) and by analogy with E .. , E. may be of 
J , lOn J , S 
the form shown in equation (5), where for a given part of the junction 
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dµs is the change in chemical potential of Son crossing that part of 
the junction and the coefficient t is related to both the transport 
s 
E. 
J's 
= 
2 ' 
1 f I:t dµ 
- s s F 
1 
(5) 
numbers and salvation numbers of the ions which carry s in that part 
' 
of 
the junction (i.e. t represents the total number of moles of s carried 
s 
across that part of the junction per Faraday of current passed). 
Application of equation (4) to cell B leads to equation 6, 
assuming that all of the current across the junction is carried by 
tetraethylammonium (TEA+) and picrate (Pie-) ions. 
E = RT ln F 
+ E. 
J's (6) 
E. 
J's 
It has bee~ observed that the mobility of TEA+ is approxima tely 
equal to that of Pie in a number of solvents, including some of 
those studied here. If this behaviour extends to the remainder of the 
solvents studied here, then the transport numbers can be taken as 0,5 
+ for TEA and Pie throughout the cell, irrespective of the bridge 
solvent S3. In this case the EMF of cell B will be given by equation 
(7), where 6µTEA+ and 6µPic- represent the change in chemical 
potential of TEA+ and Pie on crossing from acetonitrile to solvent S2. 
E __ RT ln (aA +) 2 0.5 6µ EA+ F __ g_ -F T 
(aAg+)AN 
+ 
o.s 6µp· -
- lC F + E. J, s 
(7) 
Thus if solvent S2 is kept constant while the bridge solvent S3 is 
varied in cell B, then the first three terms on the right of equat ion 
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(7) will not change and any variation in E results from variation in 
E. • J,S Evaluation of E. requires a knowledge of dµ at all points J,S S 
in the junction between acetonitrile and S3 and between S3 and S2 as 
well as the salvation numbers of TEA+ and Pie- which cross these 
junctions (equation 5). However neither of these ions have strong 
specific interactions with the solvents studied here, and so the 
+ -solvation numbers of TEA and Pie may be constant and approximately 
equal for the various solvents studied. 
will be given by equation (8) where L6µ 
s 
If this is the case, E. J,S 
for cell Bis defined in 
equation (9). 
E. J,S = 
171 
s 
F 
(8) 
.13_2 (S3) + S2 6µ S3 (S2) 
s s 
(9) 
I . (9) ANA S3( ) h f l n equation uµs AN represents t e ree energy per mo e 
of transfer of AN from AN to S3 (i.e. the free energy per mole of 
solution of AN in S3), 836µs 82 (S3) is the free energy of solution per 
mole of S3 in S2 and so on. Under these conditions then one would 
expect a simple relationship between the measured EMF, E, of cell B 
and L6µ • Because of the difficulty of obtaining sufficient data for 
s 
the free energies of transfer of the various solvents, it was decided 
to study the relationship between E of cell Band the corresponding 
total heats of transfer., L6H, as defined in equation (10). The 
s 
S3(AN) + S36H 
s 
S3 (S2) 
(10) 
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various terms in equation (10) are defined in an analogous manner to 
those in equation (9). 
Results have been obtained for cells B with S2 as water , 
formamide or methanol and with the bridge solvent, S3, as one of a 
variety of solvents. The heats of solution required for t he 
calculation of L6H from equation (10) in the various cells are 
s 
given in Table 1. 
To enable results for cells with S2 as water, formamide or 
methanol to be included on the same plot, E' = E - E has been 
0 
plotted against I6H in Figure 1, where Eis the measured EMF of cell 
s 
B obtained from Chapter I, and E is the EMF corresponding to cel l s 
0 
Bin which L6H = o. Values of E were obtained from plots of E 
S 0 
against L6H. The values of E obtained were 177 mv, 54 mv and 248 mv 
S 0 
for S2 as water, formamide and methanol respectively. 
It can be seen from Figure 1 that there is an excellent linear 
correlation between E' and L6H for cells with S2 as water, formamide 
s 
or methanol, with the exception of the value for the cell with S3 a s 
formamide and S2 as water. This relationship would be expected from 
equation (8) if there is a linear relationship between L6µ and L6H. 
s s 
To see if this is the case the free energies of solution of a number 
of solvents in other solvents calculated from Henry's Law constants 
and solubility data as recorded in Table 2, are compared wi th t he 
corresponding heats of solution in Figure 2. The required heats of 
solution are taken from data in Table 1, with the exception of 
-1 6Hs(H20) = +5.6 and +2.0 Kcal mole for solution in benzene and 
ethyl acetate respectively. 
There is a good linear correlation between 6µ and 6H for 
s s 
solution of solvents in all solvents, other than water, and there i s 
a separate but relatively poor correlation between 6H and 6µ i n 
s s 
....... 
TABLE 1 
a -1 o Mutual Heats of Solution (~H Kcal mole ) of Solvents at 23 
s 
Solvent: MeCN MeN02 P.C. Me2co DMSO DMF NMePy Form MeOH b Solute 
1 MeCN -0.01 -0.02 -0.14 -0.02 -0.22 -0.50 +0.45 +1.03 
2 MeN02 -0.06 -0.07 -0.27 -0.20 -0.43 -0.76 +0.80 +1.10 
3 P.C. -0.03 -0.17 -0.08 +0.39 -0.04 -0.89 +0.59 +1 . 87 
4 Me2co -0.06 -0.11 -0.05 +0.36 -0.02 -0.06 -0.42 +0.52 
5 DMSO +0.04 -0.36 +0.35 -0.28 +0.15 . +0.13 -1.76 -0.22 
6 DMF -0.13 -0.35 o.oo -0.07 +0.20 -0.02 -1.54 -0.14 
7 NMePy -0.32 -0.52 -0.20 -0.20 +0.13 -0.12 -1.62 -0. 78 
8 Form +1.28 +2.25 +1.58 +0.65 -1.46 -1.02 -1.50 +0.56 
9 MeOH +1.10 +2.30 +1.50 +0.79 -0.27 -0.15 -0.52 +0.28 
10 H20 +1.47 +3.47 +2.15 +1.01 -1.28 -0.91 -1.16 +0.32 -0.80 
(a) Estimated uncertainty ±0.03 Kcal mole-1 . 
(b) Abbreviations: P.C. = proplylene carbonate; DMSO = dimethylsulphoxide; DMF = dirnethylformamide; 
NMePy = N-rnethylpyrollidone; Form= formamide; the numbers refer to points labelled in Figure 1. 
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Figure 1. Varia tion of E' with the tot a l entha lpy of tra n sfe r ([6H) for cell B 
with different solve nts s2 . (Numbe rs as in Table 1) S 
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No. 
1 
2 
3 
4 
5 
6 
7 
8 
9 
10 
11 
12 
13 
14 
TABLE 2 
-1 
of Solvents in Other Free Energies of Solution (6G Kcal mole ) 
s 
a 
Solvents at 25° 
Solute a Solvent a hb 6G c No. a Solute a Solvent a hb 
-s 
MeCN DMSO 5.3 -0.13 15 H2o Form 1.3 
MeN02 DMSO 3.2 +0.17 16 Me 2co Form 8.2 
H20 DMSO 0.53 -0.70 17 MeCN MeOH 29.0 
MeOH DMSO 5.0 -0.49 18 H20 P.C. 16.1 
Me 2co DMSO 31.0 +0.40 19 H2o C6H6 
MeCN MeN02 3.7 -0.19 20 H20 
EtOAcg 
H20 MeN0 2 25.4 +1.77 21 DMSO H2o 
H20 MeCN 8.9 +1.15 22 MeOH H20 4.0 
MeOH MeCN 19.1 +0.62 23 Me 2co H20 33.8 
Me 2co MeCN 10.5 -0.07 24 MeCN H20 21.0 
MeCN DMF 7.3 -0.09 25 MeN02 H2o 21.5 
H20 DMF 1.6 -0.20 26 P.C. H20 
MeCN Form 11.7 +0.30 
MeN02 Form 6.2 +0.46 
Abbreviations as in Table l; the numbers are used in Figure 2. 
-1 Henry's Law constants in mm Hg moles litre. 
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6G c 
-s 
-0.19 
+0.30 
+0.68 
+1.18 
+3.2d 
+l.2d 
-1.3 
+0.3 
+1.2 
+1.5 
+2.1 
+1.9 f 
a) 
b) 
c) 6G (A)= RT ln 
s 
1000 hAPB; where PB= density 
po M 
- molecular 
A B 
weight of B, P1 = vapour pressure of pure A. 
I 
I 
d) From solubility data. Weissberger, Techniques of Organic Chemis try 
Vol. VII, Organic Solvents. Interscience. 
) F d at 700. e rom vapour pressure ata J. Kenttamaa and J. Lindberg, 
Suomen Kemistilehti, B33, 98, (1960). 
f) From measured solubility of P.C. in H2o. Solubility= 1,76M. 
g) Ethylacetate. 
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water. For solution in solvents other than water, the line in Figure 
2 corresponds to 6µ = 0.5 6H. As 6µ and 6H are related by 6µ = 
s s s s s 
6H - T6S , this means that T6S = 0.5 6H (i.e., there is a 
s s s s . 
corresponding variation of 6H and 6S .) It is known that solution of 
s s 
non-electrolytes in water often leads to large decreases in entropy 
and this is also clearly the case with the results in Figure 2. While 
there is a rough correlation between 6µ and 6H for solution of the 
s s 
solvents shown into water, the scatter indicates that the entropy 
changes are not simply a linear function of the enthalpy changes. 
This scatter may not have a large effect on the points in Figure 1 as 
transfers into water involve only one of four interactions involved in 
any cell with S2 as water. The large deviation of the point 
corresponding to cell B with S3 as formamide and S2 as water may 
result from large differences between I6H and I6µ for this cell. 
s s 
This is not unreasonable as both water and formamide are highly 
structured and large entropy changes may be involved on mixing. 
The results shown in Figures 1 and 2 indicate that equation (5) 
is a reasonable representation of E .• J,S It should be noted from 
Table 1 that all heats of solution other than those involving water, 
formamide and methanol are small and so any E. terms should be J,S 
small for cells B not containing these solvents. This is consistent 
with the constant EMF's observed for cells with S2 as DMSO for a 
variety of bridge solvents (Chap. 1). 
From equation (8) and the slopes of the curves in Figures 1 and 
2 it is possible to calculate a value of t's, which, if tTEA+ = tPic-
= 0.5, is simply the average salvation number of TEA+ and Pie ions. 
For solvents S2 other than water, E. is represented by equation (11), J,S 
and thus plots of E' against I6H will have a slope 
s 
E. 
J's 
= 
a.St's L6H 
F s (11) 
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a.St's 
F 
The results in Figure 1 give t's = 0.3, i.e., the solvation 
+ -numbers of TEA and Pie are 0.3. This is consistent with 
conductimetric studies which indicate solvation numbers close to zero 
for these ions (Hinton and Amis, 1971). It should be noted that for 
such cells, E. = 0 when L6H = 0 and t his means that (from equation 
J,S S 
(4)) E = E + E .. . For cells with S2 as water, because of the 
o e J,ion 
larger entropy term, L6H and L6µ are approximately related by 
s s 
equation (12) (at 25°c). This means that when L6Hs = O, E. is 
J's 
approximately 28 mv, and E = E + E. . + 0.028. 
o e J,1on 
E ..• In cell B where the bridge electrolyte is R+X-, E. . as J, ion J, ion 
defined by equation (3B) will be small if 
(12) 
Originally tetraethylammonium picrate was chosen as the bridge 
electrolyte in cell B primarily because of the approximate equality 
of tTEA+ and tPic- in several solvents, thus minimising any terms 
dependent on the concentration of the bridge electrolyte. An 
alternative approach is to select an electrolyte RX for which one 
would expect 6µR+ ~ 6µx-· For this reason, cells with NBu4BPH4 as 
bridge electrolyte were studied. + NBu4 and BPh4 are both large, 
with charge buried under hydrocarbon ligands. This bridge electrolyte 
closely resembles triisoamyl-n-butylammonium (TAB+) tetraph_enylborate 
+ -for which Popovych (1970) has assumed 6G TAB = 6G BPh4 for tr tr 
transfer between solvents. Table 3 shows a comparison of results 
obtained with TEA Pie and NBu4BPh4 as bridge electrolytes in cell B. 
Within experimental error, the EMF of the cells are independent of the 
bridge electrolyte. The results in Table 3, together with the 
previously observed close correspondence between the values for a 
variety of assumptions of 6GtrAg+ and the values from the assumption 
of negligible liquid junction potential in cell B for those junctions 
-
42 
where L~H of solvents (and hence E. ) is negligible, indicate that 
s J,s 
E. . is small with both TEA Pie and NBu4BPh4 as bridge electrolyte. J, ion 
Finally it should be pointed out that small values of E .. J,ion 
· f2t,dµ, b · 1 1 f h . . . th require 
1 
i i to e approximate y equa or t e various ions in e 
bridge solution and transition layers. In general, one might expect 
that the more highly solvated an ion is in a given solvent the lower 
r2 
will be its mobility, Thus changes in j
1
tidµi should be dampened, 
helping to minimise E. . even fo_r very different bridge electrolytes J,ion 
in a variety of solvents • . A notable exception to such dampening 
should be observed with bridges inv.olving the proton fn water, which 
although heavily solvated~ h~s a very high mobility. 
Table 4 lists the results of -some measurements on cell$ designed 
to find evidence for such a ~rend. Measurements were carried out on 
cell B with S3 as acetonitrile and S2 as propylene carbonate and with 
S3 as water and S2 as water. The bridge electrolytes had the same 
anion (Clo4 ) and a variety of cations whose salvation energies are 
known to vary considerably in the solvents chosen. 
The values in . Table 4, while not conclusive, seem to p~ovide 
jrt +•dµ + some evidence for opposing effects of tR+ a·nd dµR+, so that R R 
is dampened. Thus Ag+ which is very well solvated by acetonitrile 
has a large positive fr ee energy of transfer from acetonitrile to 
propylene carbonate, but presumably because of a correspondingly low 
mobility of Ag+ in acetonitrile relative to K+, the measured EMF of 
cell B with AgClo4 as bridge electrolyte and S2 as propylene carbonate 
differs by only 19 mv from that with K c104 as bridge electrolyte . 
Similarly for the cells with S2 and S3 as water, the series Li+, Na+ 
+ and K perchlorates gives virtually constant EMF's, despite the much 
greater ~G (Li+) than ~G (K+) for transfer from water to 
tr tr 
--
Ag/ AgCl04 (O.OlM) 
AN (Sl) 
Solvent a 
s2 
MeN02 
P.C. 
Me2co 
DMSO 
DMF 
NMePy 
Form 
MeOH 
H2o 
TABLE 3 
EMF of the cell 
+ -A B (O.lM) 
AN (S3) 
i'.}E (Volts) 
A+ B-
NBu4BPh4 
+0.521 
+0.411 
+0.307 
-0.149 
· +0.042 
-0.029 
-
+0.063 
+0.272 
+0.183 
(a) Abbreviations as in Table 1. 
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AgCl04 (O.OlM) / Ag 
Solvent S2 
+ -A B 
NEt4 Picrate 
+0.520 
+0.414 
+0.308 
-0.152 
+0.040 
-0.028 
+0.065 
+0.270 
+0.185 
-
Ag/ AgClo4 (0.0lM) 
AN (Sl) 
Solvent S2 a Bridge 
S3 
a) With TEA Pie in 
P.C. CH3CN 
" 
II 
" 
II 
b) -With TEA Pie in 
Water Water 
" " 
" 
II 
" 
II 
II 
" 
II II 
Solvent 
cell B, 
cell B, 
TABLE 4 
EMF (E) of the cell 
M+ Cl04 (0.lM) 
Solvent (S3) 
M+ 
E = 414m Volt 
Ag+ 
NEt 4 
+ 
K+ 
E = 185m Volt 
Ag+ 
NEt + 4 
K+ 
Na+ 
Li+ 
H+ 
(m 
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AgCl0, (0.0lM) / Ag 
4 
Solvent (S2) 
E 6G 
(M+) b 
tr 
Volts) (Kcal . -1 mole ) 
400 +9.4 
414 
419 -0.3c 
162 +5.2 
180 
213 -1.9 
217 -4.0 
214 -6.5 
277 
-8.1, d 
(-11.0) 
(a) P.C. = propylene carbonate, AN= acetonitrile. 
(b) Values obtained from reference lb, or I.M. Kolthoff and M.K. 
(c) 
Chantooni, private communication. 
Assuming AN6G 
tr 
(d) The proton will presumably remain as H30+ in the cell on transfer 
from H2o to AN. -8.1 Kcal mole-l is the value obtained from 
measurements in AN containing 0.07 per cent H2o by C. Papen and 
J. Jacq, (Bull. Chim. Soc, France, (1965), 13). -11.0 is the 
+ value quoted for transfer of H to dry AN. (I.M. Kolthoff, 
private communication). 
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acetonitrile, The fact that u + > u + > u .+ in water (G,M. Barrow, 
K Na Li 
1966, p.677), where u is the ionic mobility, may account for this 
behaviour. The much greater EMF of cell B when HClo4 is the bridge 
electrolyte relative to other perchlorates is consistent with the high 
mobility yet strong salvation of the proton in water, 
Since the interactions between acetonitrile and propylene 
carbonate are small (Table 1), E. is expected to be negligible. J,S 
However E. may be significant in celis with S2 as water since the 
J, s 
interactions are larger. The much lower EMF of cell B when AgC104 is 
the bridge electrolyte relative to other metal p·erchlorates may at 
1 b 1 d E b Ag+. 1 east e party ue to an . term, ecause is more strong y J,S 
solvated by acetonitrile than by water and so will tend to transport 
-1 + + 
acetonitrile into water (6H = -0.45 Kcal mole ) whereas Li , Na and 
s 
K+ being much more strongly solvated by water will tend to transport 
. -1 
water into acetonitrile (6H = +1.47 Kcal mole ). However in the 
s 
absence of mobility data for the ions concerned in acetonitrile and 
propylene carbonate, it is impossible to make quantitative estimates 
of the various effects, 
CONCLUSIONS 
1) It has been shown that contributions to the liquid junction 
potentials from the free energy changes associated with the transport 
of solvent molecules across the junction (E. ) may be as high as 100 J,S . 
mv in cell B. For cells Bin which solvent, S2, is water,.· formamide 
or methanol and the bridge solvent, S3, is any one of a variety of 
solvents, an excellent linear correlation has been found between the 
observed EMF and the mutual heats of solution of the various solvents 
in the cell. 
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2) The contribution to the liquid junction potential from the free 
energy changes associated with the passage of ions across the boundary 
(E .. ) depends upon f2tidµi, where t. is the transport number of ion J,ion 1 1 
i in a given region, across which there is a free energy change of 
dµ. •. E . will be zero if jr
1
2
tidµi is equal for all ions crossing 
1 j,ion 
the junction. It is suggested that because of a general tendency of 
an ion to have a low mobility in a solvent where it is heavily 
jr2t. ·dµ. solvated, 1 1 may remain fairly constant (and hence E. . small) 1 J,ion 
even for ions involving quite large changes in free energy on crossing 
the boundary. 
3) It is possible to reduce the liquid junction potentials in cells 
between different solvents by careful selection of bridge solvents 
and electrolytes. In order to minimise the liquid junction potential 
between two different solvents (as in cell A) it is ne~essary for the 
bridge solvent to be such that it does not strongly interact with 
either of the other solvents and the bridge electrolyte should be such 
that the transport numbers of the cation and anion and their free 
energy changes on crossing the junction should be equal. The choice 
of either tetraethylammonium picrate or tetrabutylammonium tetraphenyl-
borate as bridge electrolytes seems reasonable. 
-
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CHAPTER III 
The Role of Specific Interactions i n the Salvation of Ions 
The first successful model of the salvation of ions was that 
proposed by Born (1929) in which ions were treated as non-polarizable 
spheres placed i n a dielectric continuum. The model considers salvation 
ener gy as purely electrostatic, and predicts that t he salvation energy 
(~G) of an ion, relative _to its energy in the gas phase, should be 
determined by equation l; where N is Avogadro's number, Zand rar e the 
N(Ze) 2 
2r [ 1 - ~ ] (1) 
are the ionic charge and radius respectively, e is the charge of an 
electron and€ is the dielectric constant of the medium surrounding the 
ion. However, calculations of hydration energies from the Born equat i on 
using the crystallographic radii of ions and the bulk dielectric constant 
of water give values which are larger than experimental l y determined 
hydration energies. 
If the Born model is accepted as a reasonable first approx imation 
of the process of ionic salvation, the values of ~G calculated from 
s 
equation 1 can be altered so that they agree with the experimental 
values by altering either the ionic radius or the solvent dielec tr ic 
'constant' . 
Voet (1936) found that good agreement between measured and calculated 
heats of hydration could be obtained for alkali metal and alkal i earth 
0 
ions by increasing their radii by 0.65 A. Similarly, Latimer, Pit zer and 
Slansky (1939) found good agreement between measured and calculated free 
energies of hydration for the alkali metal and halide ions, if the cation 
0 0 
radii were increased by 0.85 A and the anion radii by 0.1 A. Grahame 
(1950) also f ound that agreement cou l d be ob tained by altering t he ioni c 
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radius, and stated further, that on the basis of calculations that this 
correction is by far the more important of the two. The justif i cat i on 
of these increased radii was that they accounted for the presenc e of a 
solvation sphere around the ion. 
Laidler and Pegis (1957) pointed out, quite correctly, that it was 
unreasonable to apply corrections, based on salvation phenomena, to the 
radii of the ions in the gas phase; and that the changes in calculated 
free energy of hydration, associated with the i ncreased radii, were due 
largely to changes in the gas phase energy, and so that the corrections 
to the ionic radii were unjustified. They then concluded that adjustmen t 
of the dielectric constant, to account for the dielectric saturation of 
the solvent surrounding the ion, was the more important of the two 
corrections. Noyes (1962) and Glueckauf (1964) have used the same idea 
to determine heats and free energies of hydration. 
Stokes (1964) has proposed a model which incorporates all of the 
expected alterations to the Born model. The radii of the ions in the 
gas phase are taken as the ionic Van der Waals radii, which are commonly 
0 
0.3 to 0.5 A larger than the crystal radii. Cations in solution are 
considered to have one (for monovalent ions) or two (for di- and tri-
valent ions) layers of water molecules, bound to them and anions are 
taken to have no salvation layers; the resulting large 'complex' cation 
is considered to be surrounded by bulk water having the appropriate 
dielectric constant. The solvent molecules which are 'irrotationally ' 
bound to the cations were given a greatly reduced dielectric constant 
(5) due to dielectric saturation, and the hydration energies of ions 
were calculated from the Born _equation (1). The results of the model 
agreed well with experimental values for the alkali metal, alkaline 
earth ions, and a few trivalent cations but gave poorer agreement for 
the halide ions. This model would appear to be a reasonable refinement 
-
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of the Born model, incorporating as it does corrections for each of the 
terms likely to affect the ion-dielectric medium interactions. 
Buckingham (1957) and Bernal and Fowler (1933) treated hydrated 
ions in the same way as Stokes (1964) but included terms for interaction 
energies other than the ion-dielectric interaction in their formulation 
of hydration energies. Buckingham (1957) took account of ion-dipole and 
ion-quadripole interactions, and indicated that the latter of these may 
account for the anomalous values found for anions. Bernal and Fowler 
(1933) treated the interaction energy of ions and the molecules of the 
salvation sheath as ion-dipole interactions. They also considered the 
loss of energy involved in rearranging the solvent molecules around the 
ion; a consideration similar to that of Millen and Watts (1967), who 
calculated the energy required to create a hole in the solvent matrix 
large enough to accommodate the ion. 
All of these models of ionic salvation consider only electrostatic 
interactions between ions and the surrounding medium or physical 
properties of the medium; yet in many cases they involve close contact 
between ions and solvent molecules, and a large degree of ordering of 
solvent molecules in a salvation sphere around the ion. In view of the 
structure of this inner salvation layer it seems likely that ion-solvent 
coordination could be a contributing factor to ionic salvation energies. 
A number of workers, including Pauling (1948), Millen and Watts 
(1967) and Verwey (1942) comment that covalent contributions to ionic 
salvation energies are likely, particularly for multivalent, and 
transition metal cations. Drago and Purcell (1964) considered a wide 
range of chemical systems in terms of the coordinating ability of the 
solvent molecules; and Gutmann (1956, 1971), while supporting an 
opposing view of the nature of ionic salvation (to Drago and Purcell's), 
considered the ionizing ability of a solvent to be at least partly due 
to its ability to donate electrons; presumably, to form some type of 
so 
coordinated species. Parker (1969) has explained the rate enhancement 
of organic reactions involving anionic bases, on transfer from water and 
alcohols to aprotic solvents, in terms of hydrogen bond formation between 
the anions and protic solvent molecules. 
Despite the acceptance of coordination as a component of the 
salvation energy of an ion, little work has been done to try and deter-
mine the magnitude of the effect. For this reason it was decided to 
study the salvation of a variety of cations in a series of solvents 
having different coordination sites available. 
The solvents studied, and some of their physical properties, are 
listed in Table 1. 
Since the phenomena of interest were solvent-solute interactions, 
it was decided to measure the free energies of transfer (6G ) of the 
tr 
ions from a reference solvent , rather than to compare them to the vapour 
phase. While it could be argued that the gas phase, where no possibility 
of coordination exists would be a more logical choice of reference state, 
the use of a reference solvent highlights the effect, as the large Born 
electrostatic energy term is largely removed, and provides information 
of a more practical nature, since it is changes in the relative free 
energies in solution which affect normal chemical systems. 
The assumption that there is negligible liquid junction potential 
in cell A, where TEA Pie is tetraethylammonium picrate, was used to 
Ag I AgClo4 (O.OlM) I I TEA Pie (O.lM) I I AgCl04 (O.OlM) I Ag 
MeCN MeCN s 
Cell A 
estimate the free energy of transfer of silver ions [6G (Ag+)] for the 
tr 
various solvents. This assumption, which is apparently theoretically 
tenable (Chapter II) and gives values of 6G which are comparable with 
tr 
those estimated by the other commonly accepted assumptions (Chapter I) 
a Solvent 
Structure 
Dielectric constant 
(s) 
Dipole Moment (D) 
R f . . d 20 e ractive in ex nD 
Basicityg 
Density 25°c 
(gm m1-l) 
H Ob 
2 
H-0-H 
78'15 
1.84 
1.333 
18.0 
0.998 
PCc 
CH -CH--CH 
3 I 
1
2 
o-co-o 
65 
4.94 
1.4212 
15.1 
1.0257 
Table 1 
Solvent Properties 
DMSOb DMFb 
(CH3) 2S=0 (CH3) 2NH=0 
48.4 36.7 
4.3 3.86 
1.4783 1.4269 
29.8 26.6 
1.101 0.9445 
HMPTb 
[(CH3) 2N] 3P=0 
29.6 
5.37 
1.4582 
38.8 
1.025 
DMTF 
(CH3) 2NH=S 
4.74d 
1.573£ 
37.3f 
1.028f 
HMTPT 
[(CH3) 2NJ 3P=S 
l.509e,f 
lo043e,f 
MeCNb 
CH3C::N 
37.5 
3.84 
1.3441 
14.1 
0.786 
a) Abbreviations: P.C., propylene carbonate; DMS0, dimethylsulphoxide, DMF, dimethylformamide; HMPT, hexamethyl-
phosphoramide; DMTF, dimethylthioformarnide; HMTPT, hexamethylthiophosphoramide. 
b) A.J. Parker, Chem. Rev., 69, 1, (1969). 
c) Electroanalytical Chemistry, V.3, A.J. Bard (ed.), Marcel Dekker Inc., New York, N.Y. (1969), Chap. 2. 
d) W. Walter and J. Voss, in The Chemistry of Amides, J. Zabicky (ed.), Interscience, London (1970) . 
0 
e) Measured at 30 C. 
f) This work. 
g) The negative of the enthalpy of reaction of the solvent with SbC15 in dichloroethane . 
V1 
f-l 
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is by far the simplest of the assumptions to use, requiring only one, 
fairly unsophisticated measurement. Indeed, of all the assumptions 
considered in Chapter I, it and the ferrocene assumption are the only 
ones which could be applied to the two 'thio' solvents as all silver 
salts were found to be exceptionally soluble in these media (certainly 
> lM). 
Results 
Silver Cell Measurements 
Table 2 lists the potentials of cell A for each of the solvents, 
Ag I AgClo4 (O.OlM) I I TEA Pie (O.lM) I I AgClo4 (O.OlM) I Ag 
MeCN MeCN Solvent S 
S, studied. 
Cell A 
The values of 6G (Ag+), from acetonitrile (MeCN) to the tr 
solvent S, were estimated from these potentials and equation 2, where Fis 
6G (Ag+) 
tr 
F6E 
= - ---4.184 (2) 
Faraday's constant, 6E the potential of cell A in volts, and the factor 
-1 4.184 converts the result from joules to calories. 
+ Values of 6G (Ag) were corrected to the H2o scale from the MeCN tr 
scale by equation 2a. 
6G (Ag+)(H20 7 S) = tr 6G (Ag+)(MeCN 7 S) - 6G (Ag+)(MeCN 7 H20) tr tr 
(2a) 
Standard Potentials of the other Metal Ions 
In each solvent an electromotive series, analogous to that in 
water (H20) was established by measurements of the redox potentials of 
the various ions. 
Table 2 
0 Salvation of Silver Ions at 25 C 
EMF's of the Cell: 
Ag I AgClo4 (O.OlM) I I TEA Pie (O.lM) I I AgClo4 (O.OlM) I Ag 
MeCN MeCN Solvent S 
Solvent b EMF 
s (volts) 
H20 +0.185c 
P.C. +0.414c 
DMSO -0.152c 
DMF +0.040c 
HMPT -0.230c 
DMTF -0.797d 
HMTPT -0.63ld 
b) Abbreviations as in Table 1. 
c) R. Alexander, A.J. Parker, J.H. Sharp and W.E. Waghorne. J. Amer. 
Chern. Soc., 95, 1148 (1972). 
d) This work. 
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Potentials of the sodium, thallium, zinc and cadmium couples were 
determined from measurements on cell B where the anion x was perchlorate 
(Clo4 ) in all cases except for Na+ in dimethylthioformamide (DMTF) and 
Ag I AgCl04 (O.OlM) 11 TEA Pie (O.lM) 11 Mxn (O.OlM) I M(Hg) 
Solvent S Solvent S Solvent S 
Cell B 
hexamethylthiophosphoramide (HMTPT) in which NaClo4 was too insoluble 
and NaPh4B was used, and for thallous measurements where the nitrate 
salt was used. Measurements of cell B were carried out in MeCN using 
NaClo4 and NaBPh4 and gave identical results. 
Potentials of cuprous couples or cupric couples in solvents where 
the cuprous ion was unstable, were determined from measurements of cell 
C; and in solvents where the cuprous and cupric ions were stable, 
Ag I AgCl04 (O.OlM) I I TEA Pie (O.lM) I I Cu(Cl04)n (O.OlM) I Cu 
Solvent S Solvent S Solvent S 
Cell C 
measurements of cell D were also carried out. 
Ag I AgClo4 (O.OlM) I I TEA Pie (O.lM) I I CuClo4 , Cu(Cl04) 2 (O.OlM) 
Solvent S Solvent S Solvent S 
I Pt Cell D 
The two thio solvents DMTF and HMTPT were oxidized by cupric ions and 
so no measurements involving cupric could be carried out in them. 
In all cases the redox potentials of the metal ion couples and 
silver reference couple were corrected to lM ionic concentration. There-
fore the results in Table 3 are formal electrode potentials, of the 
redox couples measured, relative to the silver couple i n the saf"le s o vent . 
Table 3 
Formal Electrode Potentials of Redox Couples, Relative to the 
a b Silver Couple ' 
a Solvent 
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Redox Couple PC DMS0 DMF HMPT DMTF HMTPT MeCN 
Na+/Na(Hg)f 
Tl+/Tl(Hg) g 
+ 
-2.593 -2.453 -2.548 -2.550 -1.123 -1.523 -2.198 
-1.134 -0.843 -0.323 -0.226 
Cu /Cu -0.278 -0.353 -0.338 -0.230 -0. 573 
(-0.336)d 
C +2 u , + Cu /Pt 
+2 Cu /Cu 
Cd+2/Cd(Hg) 
-0.642 -0.318 
-0.455 -0.238 -0.335 -0.427 -0.173 
(-0.345)d 
-1.152 -0.983 -1.028 -1.140 -0.988 -0.288 
(-l.120)e 
+0.852 
+O.138 
-0.706 
+2 Zn /Zn(Hg) -1.563 -1.258 -1.468 -1.501 -1.418 -0.543 -0.728 -0.968 
) V 1 · 1 at 25°c, M 1 s 1 a a ues in vo ts, oar ca e. 
b) Abbreviations as in Table 1. 
c) C.R.C. Handbook of Physics and Chemistry, 48th Edition (1967-68), 
p.D-86. 
d) J. Courtot-Coupez, M. Le Demezet, A. Laouenan and C. Madec, 
J. Electroanal. Chem., 29 (1971). 
e) M. Le Demezet, Bull. Soc. Chim. Fr., 4550 (1970). 
f) against a O. Z-/o Na amalgam 
g) against a 2% T 1 amalgam 
J 
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There are few results in the literature with which to compare the 
results of this study; however, agreement is generally good (Table 3). 
The large discrepancy for the cadmium potential in DMSO (-1.120v vs. 
-l.028v) is mysterious. 
The standard chemical potentials of the various metal ions [6G0 (i)] 
were calculated from the potentials of the appropriate cells by equation 
2 (Barrow, 1966) and the 6G (i) values were calculated from equation 3 
tr 
where Sand S are the solvents under study. 
0 
6G (i) = 6G0 (i) - 6G0 (i) tr S S 
0 
+ 
- 6G (Ag) 
tr 
(3) 
Table 4 lists the free energies of hydration of the various ions 
and their 6G values from H2o to each of the other solvents. tr 
The main objective of this work was to study the effect of ionic 
coordination, by the solvent molecules, on the 6G values of the 
tr 
individual ions. However, before this can be discussed it is necessary 
to determine which of the results can be explained in terms of electro-
static interactions. Of the ions studied the sodium ion, which has an 
inert gas electronic configuration, is the most likely to behave as a 
non-deformable charged sphere, and so have most of its 6G values 
tr 
determined by electrostatic forces. 
The effect of changes in the solvent dielectric properties are 
acceptably accounted for if Stokes (1964) model of hydrated ions is 
extended to non-aqueous solvents. Thus a monovalent ion can be treated 
as having a single salvation shell, containing irrotationally bound 
solvent molecules; and this larger charged species is then considered 
to be surrounded by the bulk dielectric medium. The values of 6G (Na+) 
tr 
due to the interaction of the solvated ion with the bulk dielectric would 
amount to about +0.8 Kcal for transfer from H2o to HMPT (equation 1) and 
less into most of the other solvents which have higher dielectric 
constants than HMPT; so this effect would not be expected to account 
Table 4 
a . o b Free Energies of Transfer (6G ) of Cations from Water at 25 C tr 
Ion 
-118.0 
+ Cu -139.8 
Tl+ 
-85.5 
+ Na -101.8 
PC 
+5 .. 3 
d 
+2.6 
d 
+1.3 
Cu+2 -504.5 +21.5 
Zn+2 -437.4 +26.0 
Cd+2 -491.6 +19.0 
DMSO DMF 
-7.8 -5.2 
-9.5 
-4.5 -4.5 
-9.6 -9.6 
-11.1 -7 .. 3 
-10.2 -10.2 
-1 
a) Molar Scale, values in Kcal mole • 
b) Abbreviations as in Table 1. 
HMPT DMTF HMTPT MeCN 
-9.6 -22.6 -18.8 -4.3 
-24.0 -17.5 -10.8 
-4.7 -4.0 
-5.5 +11.3 
-10.2 
-14.5 
-11.6 
+2.2 
-5.3 
+5.9 +4.9 
+13.7 
+1.3 +19.4 
+12.0 
c) Free energies of Hydration, from R.M. Noyes, J. Amer. Chem. Soc., 
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84, 513 (1962) and assuming 6GHyd of the proton= 100.00 Kcal mole-1 . 
d) M. Solomon, J. Phys. Chem., 74, 2519 (1970). 
e) I.M. Kolthoff and M. Chantooni, Unpublished results. 
for much of the measured 6G values which range from -4,5 to +11.3 
tr 
-1 Kcal mole . 
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The magnitude of the effect due to the lower dielectric constant 
of the salvation sphere around the ion is more difficult to estimate 
because of uncertainties as to the model of the dielectric behaviour of 
liquids (Ritson and Hasted, 1948). However, if the Debye (1929) model 
is taken as an approximation, the value of the dielectric constant in 
the salvation layer, where the solvent dipoles are not free to align 
themselves in an electric field, would be the result of the molecular 
polarizability of the solvent molecules, which is a function of the 
refractive index of the solvent. The refractive index of each of the 
non-aqueous solvents studied is greater than that of H2o. Therefore if 
the effect of dielectric saturation around the ions was the major factor 
responsible for the 6G values from H2o into the various solvents, then tr 
each value of 6G should have the same sign (negative). This is not 
tr 
the case for any of the ions, even values of 6G for the 'well behaved' 
tr 
-1 -1 
sodium ion range from +11.3 Kcal mole (DMTF) to -5.5 Kcal mole 
(HMPT). 
The same argument can be applied to the effects of ion-dipole 
interactions; since the dipole moments of each of the non-aqueous 
solvents is greater than that of water, the contribution to 6G of an 
tr 
ion due to ion-dipole interactions should have the same sign into each 
of the non-aqueous solvents but as noted, this is not the case. From 
these considerations it seems unlikely that the different 6G values of 
tr 
sodium ions among the solvents studied can be acceptably explained in 
terms only of these electrostatic interactions, or combinations of them, 
and, since the sodium ion is the most likely of all the ions studied to 
be involved in purely electrostatic interactions, it seems unlikely that 
6G values of the other ions could be satisfactorily explained by tr 
electrostatic interactions. 
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The second type of solvent property which was varied in the group 
of solvents studied was coordinating ability. 
The solvents studied could be divided into class a and class bas 
ligands (Ahrland, Chatt and Davies, 1958; or hard and soft, R.G. 
Pearson, 1969); and within each group the electron donating ability of 
the solvents varied. 
Studies using DMF (Randall, et al., 1966) and HMPT (Donoghue and 
Drago, 1963; Coz, et al., 1969) as a ligand indicate that both form 
complexes through the oxygen; and so act as class a ligands. Complexes 
in which DMSO acts as a ligand have been isolated for a wide variety of 
metal ions (Reynolds, 1970) and in all cases except complexes of the 
platinum group elements and metallic cobalt the DMSO complexes through 
the oxygen. Thus DMSO could be expected to act as a class a ligand 
towards the ions studied, with the possible exceptions of the class b 
silver and cuprous ions. Complexes involving MeCN as a ligand appear 
to involve interactions with the nitrogen lone pair rather than the TT 
cloud of the C = N bond (Walton, 1965), and so MeCN might be expected 
to behave as a class a ligand; however, it is known to form strong 
complexes with the class b cuprous and silver ions (Manahan and Iwamoto, 
1967) indicating the possibility of class b character. The remaining 
solvents have not commonly been used as ligands; however, propylene 
carbonate must complex through an oxygen and so be a class a ligand, 
T 
and HMPT and DMTF would be expected to complex through their sulphur 
atoms, and so act as class b ligands (Ahrland, Chatt and Davies, 1958). 
The ability of a solvent to act as a Lewis base is difficult to 
assess accurately, as it is also a function of the electron acceptor 
ability of the Lewis acid involved. Gutmann and Wychera (1966) have 
suggested that the enthalpy of reaction of electron donating solvents 
with antimony pentachloride (SbC15) in an inert solvent should reflect 
the solvent's strength as a Lewis base; that is, the larger the enthalpy 
........ 
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of reaction, the stronger Lewis base the solvent is. While this 
criterion for Lewis basicity is not ideal it gives the same order of 
basicity as studies using iodine and phenole (Gutmann, Steininger and 
Wychera, 1966) and chloroform (Delpueck, 1965). 
The results in Table 4 can be conveniently divided into two groups 
according to the classification of the solvent as either class a or 
class b ligands. 
The first group is made up of the class a solvents: PC, DMSO, 
DMF, HMPT and the reference solvent H20. The outstanding feature of 
the 6G values of the ions into these solvents is that 6G of each 
tr tr 
ion into any one of the solvents has the same sign, and this is 
generally true, regardless of which of the solvents is chosen as the 
reference solvent. This indicates that the type of salvation involved 
is similar in each case, although the magnitude of the effect may vary 
from solvent to solvent. 
The second group, made up of the class b solvents - DMTF, HMTPT 
and MeCN - presents a different picture to the first group. The most 
obvious feature of the 6G values from H20 into the solvents of this tr 
group is that the signs of 6G values into any of the solvents change, 
tr 
depending on the ion under consideration. However, certain generaliza-
tions can be made about 6G values of ions into the solvents of the 
group. 
tr 
The simplest of these is that the 6G values of the class b 
tr 
cuprous and silver ions into each of the solvents is much more negative 
than that of any other ion studied, as would be expected, since each of 
the ions forms strong complexes with class b ligands (R.G. Pearson, 
1969)- A second feature of these results is that the sodium ion, which 
is class a in character, has positive 6G values into each of these 
tr 
solvents (i.e., it is better solvated in H20)_ 
Within each group of solvents a general order of solvating ability 
towards the cations studied can be established and compared with the 
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order of Lewis basicity of the solvents, as estimated from the enthalpies 
of coordination of the solvents with antimony pentachloride (Table 1). 
For the group of class a solvents the order of ~G for each of the ions tr 
studied is HMPT - DMSO - DMF > H20 > PC; and the order of increasing 
Lewis basicity (towards SbC15) is HMPT (38.8) > DMSO (29.8) > DMF (26.6) 
> H20 (18.0) > PC (15.1) where the numbers in parentheses are the 
negatives of the molar enthalpies of coordination of the solvents with 
antimony pentachloride. For the group of class b solvents the order of 
~G values of ions other than the sodium ion is DMTF > HMTPT > MeCN and 
tr 
the order of Lewis basicities is DMTF (37.3) >> MeCN (14.1). There is a 
qualitative agreement between the orders of solvating abilities and Lewis 
basicities of the solvents within each of the two groups of solvents 
studied. However, the correlation is not good and it is only reasonable 
to assume that other factors apart from those influencing the SbC15-
solvent interaction are influencing the changes in ~G values of the 
tr 
ions within each solvent group. For example, the fact that ~G values 
tr 
of the class a sodium ion in the group of class b solvents vary in the 
order MeCN > HMTPT > DMTF while those of the other ions vary in the 
reverse order may be due to changes in the class b character of the 
solvents, with decreasing class b character (and increasing class a 
character) in the order DMTF ~ HMTPT 7 MeCN. 
The estimation of Lewis basicities of the solvents has been based 
on the solvents' interactions with antimony pentachloride. An obvious 
problem arises from this method of estimation since it only accounts for 
interactions which the solvent molecule can have with antimony penta-
chloride, and does not account for interactions such as 'back bonding' 
from ions to the solvent molecule (Mulliken, 1955). Therefore it is 
possible that the relatively poor correlation between solvent Lewis 
basicities towards SbC15 and solvating abilities towards the cations 
studied is due to specific ion solvent interactions. 
The values of 6G of the sodium ion deserve further comment tr 
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since, unlike the remaining ions, sodium ions would be expected t o form 
essentially ionic bonds to the surrounding solvent molecules (Cotton 
and Wilkinson, 1966). As was pointed out earlier ion-dipole interactions 
cannot account for the changes in 6G of the sodium ion. There are , 
tr 
however, more favourable 6G values into the class a solvents than into 
tr 
the class b solvents (-4.5 into DMF, +11.3 into DMTF), and like the 
other ions, there i s a reasonable correlation between the order of 6G 
tr 
values and the estimated solvent Lewis basicity among the class a 
solvents. These considerations lead to the conclusion that, even for 
the sodium ion which would not be expected to form strong complexes, 
specific ion-solvent interactions contribute significantly to the ionic 
salvation energy. 
Conclusion 
There is strong evidence that specific ion-solvent interactions 
are a general feature of the salvation of cations. In view of this 
behaviour, it would appear that coordination of solvent molecules to 
all ions in solution should be accounted for in models of ionic 
salvation. 
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CHAPTER IV 
A Study of Ionic Salvation in Mixed Solvents 
From the results of the previous chapter, it appears that the free 
energies of transfer (6G ) of cations between different media may be 
tr 
largely determined by specific ion-solvent interact i ons. In addition 
to this it has been suggested that 6G values of some anions are 
tr 
primarily due to differences in the hydrogen bonding characteristics 
of the solvents involved (Parker, 1969). 
If differences in these specific interactions determine a significant 
part of 6G of ions, between different media, this should be reflected 
tr 
in the behaviour of ions in mixed solvents, where the different solvent 
molecules can compete for the salvation sites of the ion. Two of the 
most useful types of study, relating to the salvation of ions, which 
have been carried out in binary solvent mixtures are: the estimation 
of the number of each type of solvent molecule in the inner salvation 
sphere of the ion, largely from proton magnetic resonance (p.m.r.) 
measurements (Schneider and Strehlow, 1956; Frankel, et al., 1968; Haas 
and Navon, 1972) and the estimation of the free energy of transfer of 
individual ions from a pure solvent to its mixtures with a second 
solvent (J. Courtot-Coupez, et al., 1971; Popovych, Gibofsky and Berne, 
1972). Unfortunately no system has been studied by both of these 
techniques. In view of this it was decided to study a variety of ions 
in mixed solvents by each of these methods, to try to determine the 
significance of coordination to 6G of the ions studied. 
tr 
Three solvent systems were chosen for study by both techniques: 
propylene carbonate (PC) - acetonitrile (MeCN) for which the enthalpies 
of mixing of the solvent components are small (Chap. II), indicating 
little interaction between the component solvents; acetonitrile-water 
(H20) for which liquid vapour equilibrium studies (Vierk, 1950) indicate 
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unfavourable interactions which would raise the activities of the 
component solvents above their formal concentrations; and dimethyl-
sulphoxide (DMSO) - water, for which liquid vapour studies indicate 
strong favourable interactions, which would lower the activities of the 
component solvents (Kattamaa and Lindberg, 1960). 
Free Energies of Transfer of Individual Ions [6G (i)] 
------'-"'-----------------------t~r -------
Values of 6G of silver, sodium, cuprous, and ferrous ions in all 
tr 
solvent systems where they were studied, and of the cupric ion in the 
DMSO-H20 system were estimated by assuming that there is a negligible 
liquid junction potential in cell A, where TEA Pie is tetraethylammonium 
picrate, and the anion X was perchlorate in all cases, except for the 
Ag I AgClo4 (O.OlM) I I TEA Pie (O.lM) I I MXn (O.OlM) IM, or M(Hg) 
MeCN MeCN Solvent S 
cell A 
a MeCN-H20-Cl~ 0.1 M.) system. It has been shown that this assumption gives 
acceptable values of 6G for individual ions (Chap. I); and it is the 
tr 
simplest to use of the available extrathermodynamic assumptions for the 
estimation of 6G (i). Values of 6G (i) between any two solvents Sand 
tr tr 
S' were calculated from the potentials of cell A and equation l; 
6G (i) = nF (Es, - Es) 
tr 4.184 
where n is the number of electrons involved in the overall cell reaction, 
Fis Faraday's constant, ES, and ES are the potentials of cell A for the 
two solvents Sand S', and the factor 4.184-l converts the result to 
calories (from joules). 
For cells A in which M was copper or silver, the electrodes were 
metallic wires (99.99 per cent pure) and were cleaned before each 
measurement by scraping with a mild abrasive. When M was sodium the 
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electrode was a freshly prepared 0.2 per cent sodium amalgam pool, 
covering a platinum wire contact. Measurements on the iron syst em 
were carried out at an electrode of reduced iron powder placed over a 
platinum wire contact. The iron measurements were carried out in a 
drybox, under an atmosphere of nitrogen, and after a thirty minute 
equilibration period. The results for the ferrous-iron couples were 
reproducable, and stable throughout the period 30 to 60 minutes . 
However, the value fo r the aqueous system was consistently 60 mv more 
positive than the literature value (Latimer, 1952; Randall and Frandsen, 
1932). Randall and Frandsen (1932) r eported that the potential of the 
cells used to measure the ferrous-iron couple decreased gradually until 
it reached a stable value after about one hundred days; therefore the 
high result is most likely due to non-equilibration of the system. No 
correction was applied for this effect and it was assumed that the 
difference from the equilibrium value was the same in each solvent 
mixture. 
Some difficulty was encountered in measuring the potentials of 
Cu+/Cu couple in systems having low MeCN concentrations, as oxidation 
cuprous ions to cupric was possible, but the results obtained from 
carefully deoxygenated solutions generally agreed within ±10 mv. 
+ No problems were encountered in the measurement of Na /Na(Hg) 
couple and the amalgam was stable in aqueous media for the time 
required to make a measurement. 
Values of 6G for ferric ions , and for cupric ions in the tr 
acetonitrile containing systems, in which cuprous ions were stable, were 
estimated from the potentials of cell Band equation 2, where all symbols 
Ag I AgClo4 (O.OlM) I I TEA Pie (O.lM) I I MXn, MXn+l (O.OlM) I Pt 
MeCN MeCN Solvents 
cell B 
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(2) 
have their usual meanings and the anions X were perchlorate for all 
measurements except in the MeCN-H
2
0-Cl system. 
All cells gave steady reproducable potentials provided that 
sufficient care was taken to deaerate the solutions with nitrogen. 
Measurements involving cupric, ferric and ferrous perchlorates 
were complicated in non-aqueous media, by the presence of water in the 
solid salts. In view of the large changes in free energy (Fig. 1) 
which accompany small increases in the water content in MeCN-H20 
mixtures, this might be expected to lead to considerable error in the 
measured results in non-aqueous systems. However, the use of anhydrous 
salts could only increase the energies of these ions in non-aqueous 
media, and could not change the direction of the changes in 6G for 
tr 
the ions studied. In addition the results for the salts containing 
water show the same sort of behaviour as those for the anhydrous salts 
(silver perchlorate in DMS0-H20 and MeCN-PC, and sodium perchlorate in 
MeCN-H O) 2 • 
Values of 6G for anions were determined from the solubility 
tr 
products of silver halides in the appropriate media, and the values of 
6G by equation 3 where S and Sare the reference and test solvents 
tr o 
respectively. 
RT ln K (AgX)s 
sp 
0 t s_p_(_Ag_X_)_s 6G (Ag+) tr (3 ) 
For this work no corrections were made to the solubility products for 
Debye-Huckel activity effects, but as these corrections are commonly 0.1 
to 0.3 Kcal mole-l for dilute solutions in solvents having moderate 
dielectric constants, and in addition largely cancel when values are 
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compared, no significant change in t h e result s would aris e f r om s uch 
corrections. 
Table 1 lists t h e cell potentials of each of t he redox couples 
studied (corrected to lM at infinite dilution), the solubil i ty products 
of silver chloride in MeCN-H20 mixtures, and the values of 6G of the tr 
ions studied. Figures 1 to 4 are plots of 6G for each of t h e ions tr 
studied against the composition of the solvent mixture, and Figures 5 
to ·7 show the fractional change in the ionic 6G value [6G /6G 
tr tr tr 
(TOTAL)]. In addition to the results in Table 1, Figures 1 to 7 show 
values for several ions based on studies from the literature . The 6G 
t r 
values based on literature results were calculated in the same way a s 
those in Table 1. 
Solvation Numbers of Ions 
The fraction of the inner sphere solvation sites occupied by one 
of the solvent components was estimated by pmr spectroscopy from the 
difference in the chemical shift of the solvent protons in the solvent 
mixture and in an electrolyte solution in the solvent mixture. 
Chemical shifts ( o ) were measured relative to either cyclohexane 
or sodium 3-(trimethylsilyl)-propanesulphonate (TPS) as an internal 
standard. TPS was used as standard in solvent mixtures in which cyc lo-
hexane was too insoluble. Where both standards could be used, a gr eement 
between the measurements based on the two standards was wi t hin 
experimental error for all electrolytes except cupric perchlorate, where 
the two values differed by - 2.5 Hz. 
Changes in the chemical shift of the solvent protons, due to t he 
presence of electrolytes, were found to vary linearly with electro ly t e 
concentration up to l.OM for silver and sodium perchlorates and to 0 . 15M 
for cupric perchlorate. 
Table 1 
Free Energies of Transfer (Kcal rnole-1) of Ions, and Standard Potentials of Redox Couplesa (rnv) in 
Mixed Solvents at 25°c 
MeCN - H2_Q_ 
Mole Fraction 1.00 0.95 0.89 0.80 0.63 0 .. 51 0.40 0.30 0. 23 0.16 0.10 0.05 o.oo MeCN 
A+ 
_L 
6E, Ag/Ag + +15 +21 +29 +38 +54 +76 +111 +129 +183 
6G 
tr -4.0 -3.9 -3.7 -3.5 -3.3 -3 .. 0 -2.5 -1.7 -1.2 o.o 
Cu+ 
- + 6E, Cu/Cu -470 -465 -561 -455 -449 -431 -402 -396 -374 -298 +5 5 
6G -12.1 -12.0 tr -11.9 -11.8 -11.6 -11.2 -10.5 -10.4 -9. 9 -8.1 o.o 
Cu+2 
+ +2 6E, Pt/Cu, Cu +729 +485 +352 +264 +210 +181 +167 +142 +117 +76 +43 -306 
6G +11.8 +6.2 +3.2 +1.2 +0.3 -0.4 -0.3 -0.2 -0.6 -1.1 -0.l o.o tr 
Na+ 
6E, Na(Hg)/Na + g -2080 -2127 -2146 -2177 -2202 -2218 -2249 -2286 -2295 
6G +5.0 +3.9 +3.4 +2.7 +2.1 +1.8 +1.1 +0.2 o.o tr 
+2 
Fe b 
+2 6E, Fe/Fe 
-386 -663 -740 -818 -843 -865 -870 -876 -867 -883 CJ'\ (-370)c (-690)c (-795)c (X) 
6G +18.2 +8 .. 8 +6.2 +3 .6 +1.8 +0.8 +0.6 +0.4 +0.8 o.o tr (+18.7)c (+7.9)c (+4.3)c 
Table 1 (cont'd.) 
Mole Fraction 1.00 0.89 0.80 0.63 0.51 0.40 0.30 0.23 0.16 0.10 0.05 0.00 MeCN 
Fe+3 b 
+2 +3 6E, Pt/Fe , Fe +1570d +488 +395 +324 +299 +277 +288 +289 +273 +309 
6G tr +48.3 +12.9 +8.2 +3.9 +1 .6 +O.l +O.l -0.l 0.0 o.o 
-Cl 
- e 10 .. 6 9.7 8.6 7.9 7.6 7.5 7.5 7.4 7.5 8.0 pK (AgCl) 13.1 9.0 
sp 
6G +9.7 +6. 3 +5.o +3.4 +2.4 +1.8 +1.5 +1.4 +0.8 +0.4 +0.4 0.0 tr 
MeCN - H20 - Cl 
- f 
Mole Fraction 1.00 0.95 0.89 0.80 0.63 0.51 0.40 0 .. 30 0.23 0.16 0.10 0.05 o.oo MeCN 
Cu+ 
-
6E, Cu/Cu + -825 -613 -541 -497 -483 -470 -459 -441 -~-2 7 -396 -369 -303 +55 
6G tr -20.3 -12.7 -11.5 -10.7 -10 .. 5 -10.3 -10.1 -9.8 -9.5 -9 .. 0 -8.5 -7.4 o.o 
Cu+2 
+ +2 6E , Pt/Cu ,Cu -15 +126 +155 +185 +193 +185 +171 +149 +138 +114 +77 +15 -306 
6G -13 .. 6 -2.7 -0.9 +0.6 +l.O +1.0 tr +0 .. 9 +o .. 7 +0.7 +0.7 +0.3 o.o 0.0 
DMSO - H2Q 
Mole Fraction 1.00 0.92 0.83 0.71 0.63 0.48 0.33 0.20 0.09 0.05 0.03 0.00 DMSO 
Ag+ 
+ O'I 6E, Ag/Ag -149 -141 -129 -100 -75 -21 +30 +93 +142 +163 +172 +184 \.0 
6G tr -7.7 -7.5 -7.1 -6.5 06.0 -4.7 -3.6 2.1 -1.0 -0.5 -0.3 o.o 
Table 1 (cont'd.) 
Mole Fraction 1,00 0.92 0.83 0.71 0.63 0.48 0.33 0.20 0.09 0.05 0.03 o.oo DMSO 
Cu+2 
- +2 6E, Cu/Cu -360 -350 -310 -280 -206 -160 -110 -84 
6G -12 . 7 -12.3 -10.4 tr -9.0 -5.6 -3.5 -1.2 o.o 
MeCN - PC 
-
Mole Fraction 1.00 o.63 0.48 0.37 0.28 0.16 0.12 0.09 0.06 0.04 0.02 0.00 MeCN 
Ag+ 
+ 
+74 6E, Ag/Ag 0 +48 +103 +127 +176 +199 +223 +253 +280 +313 +414 
6G 
tr o.o +1.1 +1.7 +2.4 +2. 9 +4.1 +4.6 +5.1 +5.8 +6.5 +7.2 +9.5 
Cu+ 
-
6E, Cu/Cu + -869 -815 -788 -750 -676 -630 -607 -433 
6G o.o +1.2 +1.9 +2.7 +4.5 +5.5 +5.8 +9.8 tr 
Cu+2 
+ +2 6E, Pt/Cu ,Cu +320 +276 +259 +238 +206 +165 +105 +25 
6G o.o +0.2 +o.5 +o.8 +1.9 +1.9 +1.1 +3.0 tr 
DMSO - PC 
Mole Fraction 1.00 0.58 0.41 0.29 0.17 DMSO 0.12 0.09 0.05 0.02 0.01 o.oo 
Ag+ 
+ -...J 6E, Ag/Ag 
-149 -61 -17 +22 +88 +115 +144 +194 +247 +295 +410 0 
6G 
-12.9 -10.9 -9.9 -8.9 _7 6 -6.7 -6.1 -5.0 -3.8 -2.7 o.o tr , . 
Table 1 (cont'd.) 
a) Values corrected to l.OM concentration, reported relative to the AglAgClo4 (O.OlM) I !TEA Pie (O.lM) I I MeCN MeCN 
electrode; all salts used were perchlorates. 
b) Measured in the presence of O.OlM HClo4 • 
c) Measured in the presence of O.OlM NBu4c104 . 
d) B. Kratochvil and R. Long, Anal. Chem., 42, 43 (1970). 
e) -log of the solubil i ty product of AgCl. 
f) Measurements carried out at O.OlM copper ion concentration and O.lM NBu4c1 concentration. 
g) Measured with a 0 . 2;;:, sodium amalgam 
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Figure 1. Free energies of transfer (6G ) of some ions from H
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tr to MeCN-H20 mixtures. 
a) Right hand scale. 
b) Calculated from equation 8, 
c) From Papon and Jacq (1965). 
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The difference in the chemical shift of the solvent protons in the 
presence and absence of an electrolyte (60) is caused by changes in the 
chemical shifts of solvent molecules in the inner salvation spheres of 
the anion and cation, and of those in the bulk solvent. Since there is 
rapid exchange of solvent molecules among these three environments, 
only one line is observed and its chemical shift is given by equation 
4 (Schneider and Strehlow , 1966), 
+ 
where o , o 
0 0 
+ P ·o 
0 
and o are the chemical shifts of solvent molecules 
(4) 
+ around the cation, anion, and in the bulk solvent respectively and p, 
0 
p and p are the fractions of the solvent molecules in each environment. 
It was assumed that the effects of the addition of an electrolyte on the 
bulk solvent and internal standard were the same so that 
A~ +~+ ~ 
uu = p u + p u 
The measured values of 60 were divided into contributions from 
(5) 
solvent molecules around the cation and anion by comparing 60 values 
caused by a O.SM solution of silver perchlorate in the pure solvent, 
DMSO or MeCN; with that caused by O.SM silver perchlorate in a 2.SM 
solution of dimethylthioformamide (DMTF) in the same solvent. The DMTF 
complexes strongly with silver ions (Chapter III) and so it was assumed 
that all of the salvation sites on the silver ions were occupied by 
+ DMTF, making p = O. Thus the remaining value of 60 was assumed to be 
due top o , and in this way po values of +1.2 and -0.4 for O.SM 
perchlorate ions in pure MeCN and DMSO were obtained. 
+ + A second, less direct, method was also used to estimate po and 
p o • The chemical shifts of the DMSO or MeCN protons were determined 
in 2 per cent solutions of the solvent in PC containing varying 
concentrations of silver perchlorate. Extrapolation of a plot of the 
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inverse of the chemical shift (o-1) against the inverse of the 
electrolyte concentration, to infinite electrolyte concentration 
-1 ([Agc104 ] = o), at which point all of the DMS0 or MeCN should be in 
the first salvation sphere of the silver ions, gave values of o+ of 
40.3 in DMS0 and 33.3 in MeCN. To calculate the ~o values in pure DMS0 
+ and MeCN, due to the silver ion it is necessary to know p , which in 
turn depends on the salvation number of the silver ion. Salvation 
numbers of 2 and 4 are common for the silver ion (Cotton and Wilkinson, 
,1966; Hinton and Amis, 1971); however, for both solvents a value of 3 
for the salvation number of silver gave the closest values to those 
determined from the first method (4.3 vs 3.7 for DMS0 and 2.6 vs 2.9 
for MeCN). This difference from the more common values of the 
salvation number may be due to imperfections in the first method of 
d ' . +~+ i't . d' h h ~ 1 f h f' etermining p u , or may in icate tat t e u va ues o t e irst 
and second coordinated solvent molecules, which are strongly held, may 
be different from those of the more weakly held third and fourth solvent 
molecules. 
++ In the remaining work the values of po of 3.7 in DMS0 and 2.9 in 
MeCN determined from the first method were used. 
T d . h . . . +~+ f 1 o etermine t e variation in p u through a range o so vent 
compositions from the measured ~o values it was necessary to estimate 
the change in p-o- over the same range. The simplest systems to consider 
were those involving the paramagnetic cupric ion, since the ~o values 
are much larger (-25 x) than the p-o- values due to the perchlorate 
anion (Table 2); so that the measured ~o can be equated with the p+o+ 
values. The ~o values of th~ cupric ion listed in Table 2 vary in the 
same way as the ~G values listed in Table 1, in both MeCN-H20 and tr 
DMS0-H20 solvent systems. 
+ + In view of this it was assumed that po and 
po values for the remaining, diamagnetic, ions would vary in the same 
way as their ~G values in the various solvent systems. In addition, tr 
-
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it was assumed that the perchlorate ion would behave in the same way a s 
other anions in each solvent mixture. Thus the variation i n p o of the 
perchlorate ion was assumed to be linear in the DMSO-H20 system and 
parallel to the change for the sodium ion in the MeCN~H20 system. No 
measurements of the variation in 6G for anions were made in the MeCN-PC tr 
system; however, 6G values of ani ons from MeCN to PC are generally 
tr 
-1 
small (-0.5 - +0.5 Kcal mole ) (Alexander, et al., 1972), and so it was 
assumed that 6G was zero into all mixtures, mak ing p o a constant . 
tr 
From the measured 60 values and po values estimated in the above 
way, p+o+ values were calculated for the cuprous, silver and sodium ions 
in the various media from equation 5. The fraction of the inner 
salvation sphere sites of an ion occupied by one of the component 
solvents, s, [n(s)/n(total)] was calculated from equation 6, where c is 
n(s) 
n(total) = (6) 
the molar concentration of the compon~nt solvent, s, and the subscript 
o refers to values in pure solvents. 
Despite some uncertainty about the assumptions used to divide the 
measured 60 values into anion and cation contributions several facto r s 
make the calculated n(s)/n(total) values appear reasonable. The 
corrections for po in the DMSO-H20 system were all small , so tha t 
err ors could have only minor effects; and in the MeCN-H20 system ther e 
d l · t . b h · . · +~+ 1 f was goo qua i ative agreement etween t e variation in p u va ues or 
the cupric ion, which were essentially independent of the assumptions , 
d h f h d . h 1 h . p+~+ an t ose or t e so ium ion . Moreover, t ere ative c anges in u 
for any two cations in a solvent system are independent of the 
assumptions used to determine po , so that qualitative conclusions 
about the relative preferences of two cations for the component solv ent s 
are unaffected by these assumptions. 
Table 2 
Chemical Shifts of Solvent Protons (in Hz) in Electrolyte Solutions, and Fractional Solvation Numbers 
of Ions in Mixed Solvents at 32°ca 
MeCN . - H2Q Mole Fraction 1.00 0.95 0.76 0.57 0 ~44 0.34 0.26 0.13 0.08 MeCN 
Chemical Shift of 52.5b 53 .. 7b 56.2b 57.5b 203.lc 204.2c 205.lc 205.6c 206.7c MeCN (cS) (201.7)c 
Ag+ 
L\cSd 4.lb 3.5b 3.6b 3.6c 4.lc 3.4c 3.3c 4.lc 
p+cS+ e 2.9 3.1 3.4 3.4 3.9 3.2 3.1 3.9 
n(MeCN)/n(total) f 1.00 0.97 0.93 0.83 0.79 0.55 0.28 0.28 
Na + 
L\cSd 4.0b 1.4b 0.7 b 0 .. 7c 
p+cS+ e 2.8 1.0 0.5 0.5 
f 
0.14 n(MeCN)/n(total) 1.00 0.32 0.11 
Cu+2 
L\cSd = p+cS+ g 
-31.lb -15.3b -5.4b -3.4b 
(-6.2)c 
-4.9c -3.4c 
n(MeCN)/n(total) f 1.00 0.48 0.16 0.09 0.05 0.02 
0.08 
207 .8c 
7.0c 
6.8 
0.24 
0.7c 
0 .. 5 
0.02 
00 
N 
Table 2 (cont'd.) 
DMS0 - H2.2_ Mole Fraction 1.00 0.82 0.69 0.51 0.20 0.10 0.05 DMS0 
Chemical Shift of 114.7b 116.7b 118.4b 120.9b 267.9c 271.0c 272.2c DMS0 ( cS ) (263.4)c 
Ag+ 
ticSd 3.3b 2.9b 2.8b 2.6b 1.6c 
(2.3)c 
0.5c l.Oc 
p+cS+ e 3.7 3.2 3.1 2.8 1.7 0.5 1.0 
f 0.,84 0.75 o.64 0.24 0.05 0.01 n(DMS0)/n(total) 1.00 
Cu+2 
ticSd = p+cS+ g 18.7b 17.8b 17.4b 15.4b 7.3c C 3.6c 7.0 
(12.6)c 
f 0.84 0.66 0.28 0.11 0.04 n(DMS0)/n(total) 1.00 0.90 
MeCN - PC 
Mole Fraction 1.00 0.85 · o. 56 MeCN 0.39 0.18 0 .. 10 0.04 
Chemical Shiftb of 52.5 53.8 55.8 MeCN (cS) 56.3 57.3 57.3 57.8 
As+ 
ticSd,b 4.1 5.0 7.0 10.0 19.1 27.1 28.5 
+ ~+ e 2.9 p 0 3.8 5.8 8.8 17.9 27.1 28.5 
n(MeCN)/n(total) f 1.00 0.95 0.76 0.74 0.60 0.45 0.19 00 (.;.) 
L 
Table 2 (cont'd.) 
+ Cu 
~cSd,b 1.8 1.9 2.6 3.9 7.7 
p+cS+ e 1.3 1.4 2.1 3.5 7.3 
n(MeCN)/n(total) 1.00 0.81 0.68 0.62 0.56 
a) All salts used were perchlorates. 
b) Measured relative to cyclohexane as internal standard. 
c) Measured relative to sodium 3-(trimethylsilyl)-propanesulphonate as internal standard. 
d) ~cS is the change in chemical shift of the solvent protons due to the addition of electrolyte, AgClo4 and 
NaCl04 solutions were 0.5M, CuCl04 solutions were 0.2M and Cu(Clo4) 2 solutions were 0.15M. 
++ 
e) p cS values are ~cS values corrected for the effect of the anion. 
f) From equation 6. 
g) p+cS+ >> the anion effect for paramagnetic ions. 
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The measured values of 60 and the calculated values of p+o+ and 
n(s)/n(total) for the ions studied are listed in Table 2 and the 
variation in the n(s)/n(total) values are plotted against the solvent 
composition in Figures 8 to 10. 
Discussion 
The solvent systems studied can be divided into two classes on the 
basis of the type of variation shown by the 6G values of the ions 
tr 
studied, through the range of solvent compositions (Figures 1-4). 
The first class contains the three solvent systems (MeCN-H20, MeCN-
PC and DMSO-PC) in which the 6G values of the ions studied decrease 
tr 
rapidly as the concentration of one or the other of the component 
solvents is increased from Oto low mole fractions and then varies only 
slightly over the remaining range of solvent compositions. Not 
surprisingly it is increases in the concentration of the component 
solvent in which the ion has the more favourable salvation energy which 
are accompanied by these rapid changes in 6G . 
tr 
The MeCN-H20 system was the most completely studied of the three 
solvent systems in this class, and so much of this discussion will relate 
directly to this solvent system. However the behaviour of the ions 
studied in the MeCN-PC and DMSO-PC solvent systems were similar to that 
of the ions studied in the MeCN-H2o system, and so the same considerat i on 
should apply to the behaviour of ions in all three systems. 
For the MeCN-H20 system, two of the ions studied (cuprous and 
silver) have favourable 6G values from H20 to MeCN while the tr 
remaining ions studied (cupric, ferric, ferrous, sodium, proton and 
chloride) all have unfavourable 6G values from H20 to MeCN. In each tr 
case the value of 6G , which is a measure of the salvation energy of tr 
the ion, changes little across the range of solvent compositions in 
which the concentration of the component solvent in which the ion is 
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better solvated (i.e. MeC for cuprous and silver and H20 for the rest) 
is high; and then changes rapidly to the more unfavourable value as the 
final few per cent of the 'better' solvent are removed. The fact that 
the rapid change occurs in the low MeCN or low H20 region depending on 
the ion being considered, indicates that the pattern of variation in 
the ~Gtr values is not a function of a change in some bulk physical 
property of the system , such as the dielectric constant, but is related 
to the changes in concentration of the component solvents in the first 
salvation sphere . It is interes t ing that the chloride ion, which 
would be expected to hydrogen bond to H20 molecules (Parker, 1969), shows 
the same sort of variation in ~G as do the proton, and cupric, ferric, tr 
and ferrous ions which are strongly complexed through the oxygen of the 
H20 molecules (Cotton and Wilkinson, 1966), indicating that the type 
of specific ion solvent interaction has little effect on the variation 
of ~G with so l vent concentration. It is also notable that the sodium tr 
ion shows the same t ype of variation in ~G with changing H20 con-tr 
centration as these other ions which are better solvated by H20 than 
MeCN, indicating again that some type of specific ion-solvent interaction 
is involved in the salvation of the sodium ion (cf Chapter III). 
The variation in the 6Gtr values of the ions studied in the DMSO-
H20 system is markedly different from those of the ions studied in the 
other three solvent systems. Rather than the rapid change in 6Gtr at 
one end of the range of solvent compositions the variation in the 6Gtr 
values of all of the ions studied show only small deviations from 
linearity. Since ions in the MeC -H2o system, and the DMSO-PC (silver 
ion) have rapid changes in their 6G values as the concentration of tr 
one of the component solvents increases; this linear variation in 6Gtr 
of ions in the DMSO-H20 system is apparently not due to either of the 
components, but is a function of the DMSO-H20 mixtures. It is most 
likely that this behaviour is due to the strong interactions between 
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H20 and DMSO which reduce the activities of the component solvents to 
as little as 0.2 of their formal concentrations at low concentrations 
of each component (Cox and McTigue, 1967). 
Cuprous and cupric ions were also studied in the MeCN-H20 system 
in the presence of O.lM tetrabutylammonium chloride. The chloride ion 
forms strong complexes with both of these ions (CuC1 2 , log s2 = -4.73, 
-2 Chang and Cha, 1934; CuC1
4 
, log s4 = -5.8, Riley and Smith, 1934); 
and from Figure 1 it is obvious that the activity of the chloride ion 
varies considerably across the range of solvent mixtures having low 
H20 concentrations. The 6G values of the cuprous and cupric ions tr 
change rapidly to more favourable values as the activity of the chloride 
ion, which is coordinating to the metal ions, is increased. This 
behaviour is analogous to that of ions in the MeCN-H20, MeCN-PC and 
DMSO-PC solvent systems, where the 6G values rapidly change toward tr . 
favourable values as the concentration of the 'active' solvent component 
is increased. 
The second part of this work involved the determination of the 
variation in composition of the inner salvation layer of several 
cations, with changes in solvent composition, by pmr, spectroscopy, and 
comparison of these results with the variations in the 6G values of 
tr 
the ions. To facilitate these comparisons the fractional changes in 
6G [6G /6G (total)] of the ions studied ry pmr tr tr tr (cupric, silver 
and sodium ions in MeCN-H20, cuprous and silver in MeCN-PC, and cupric 
and silver in DMSO-H20) were plotted (Figures 5-7). 
The most obvious feature of these results is that there is good 
qualitative agreement between the variations in the 6G values of the 
tr 
ions and the composition of the inner salvation layer. That is, the 
rapid changes in 6G [or 6G /6G (total)] are accompanied by rapid tr tr tr 
changes in the number of molecules of the 'active' solvent in the inner 
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salvation sphere; moreover, both vary approximately linearly for ions 
in the DMSO-H
2
0 system (Figures 8-10). 
If the component solvents (Sand s1) of a binary mixture are 
considered as ligands, competing for coordination sites on the various 
cations, (M), the composition of the inner salvation (or coordination) 
spheres can be described in terms of the successive equilibria 
K 
M(Sl)m + S -+ M(Sl)m-1S + s1 +-
• • • K 
m 
M(S1)18m-1 + s -+ MS + s1 +- m 
where K1 -+ Km are the equilibrium constants of the successive 
equilibria. The fraction of the inner salvation sphere occupied by 
molecules of solvent Sis given by equation 7, 
n(s) 
n(total) = [.!_] ~ [M(S 1 ) .S.] :k i m . 1 m-1 1 1= 
where [M(S1) .S.] represents the concentration of the species in m-1 1 
question, if the total concentration of the metal ion M is uni.ty. 
Moreover, if the 6G values of the ions are determined entirely by 
tr 
changes in the coordination energy, 6G is given by equation (8). 
tr 
6G 
tr = 
m m 
I I [M(S1) .s.] x (-RT ln K ) 
m-1 1 m 
n=l i=n 
(7) 
(8) 
Therefore if the chemistry of ions in mixed solvents is largely 
determined by the coordination of the ions by the component solvents 
it should be possible to calculate both the changes in the composition 
of the ion's inner salvation sphere and its 6G from one set of 
tr 
equilibrium constants. 
Equilibrium constants for the first two equilibrium steps have 
been determined for the silver ion in the MeCN-H20 system (Manahan and 
Iwamoto, 1967; Yatsimirskii and Korableva, 1964) and so the variation 
92 
in n(MeCN)/n (total) and 6G were calculated from these values (log 
tr 
K1 = -2.0, log K2 = -1.4) with the assumption that two further MeCN 
molecules are weakly held to the silver ion (log K3 = -0.3, log K4 = 
O) and these results are plotted with the experimentally determined 
values on Figures 1, 5 and 8. As can be seen from these figures there 
is good agreement between the calculated and measured values of both 
of these quantities. While further work is required to determine if 
the same correlation can be achieved for the rema ining ions; this 
result strongly suggests that the 6G values of the silver ion in the 
tr 
MeCN-H20 system is largely due to changes in the coordination of the 
ion with changing solvent composition. 
The values of n(MeCN)/n(total) and 6G for the silver ion in 
tr 
MeCN-H20 mixtures, based on the various equilibrium constants, were 
calculated using the formal concentrations rather than the activities 
of the component solvents; moreover calculations based on the activities 
which are somewhat higher than the formal concentrations at low 
concentrations of MeCN or H20 (about 5x at X = 0.1 for MeCN, Maslan 
and Stoddard, 1956; cf. Vierk, 1950), gave poorer agreement with both 
of the experimental quantities. This indicates that the interact ion 
energies of the solvent molecules (MeCN with H20) are compensated for 
by (and therefore are comparabie to) the interaction energies of the 
coordinated solvent molecules with the surrounding medium. This 
considerat ion points out a second type of specific interaction which 
can influence the coordination of ions by solvent components, that is, 
those between the coordinated molecules and the surrounding bulk 
solvent. An example of the importance of this effect is provided by 
the DMSO-H20 system, in which it has been reported that the proton is 
hydrated, even at high DMSO concentrations (McTigue and Watkins, 1972) 
despite the fact that DMSO is a stronger base than H20 towards the 
proton. The explanation proposed for this behaviour is that the 
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protonated H20 molecule is capable of forming three hydrogen bonds to 
neighbouring solvent molecules, with a corresponding stabilization, 
while the protonated DMSO molecule can form only one such hydrogen 
bond. It seems likely that similar considerations would apply to the 
salvation of most cations in DMSO-H20 mixtures, since H20 molecules 
coordinated to a cation through their oxygen atoms would be able to 
gain extra stabilization by hydrogen bonding to the surrounding medium 
and coordinated DMSO molecules could gain no such extra stabilization. 
In view of this discussion it is reasonable to say that the 
variation of the salvation energies (i.e. 6G ) of the ions studied, 
tr 
through the range of solvent compositions in the systems studied, can 
be largely explained in terms of the coordination of the ion by the 
component solvents, bearing in mind the presence of interactions 
between coordinated and bulk solvent molecules. The success of this 
type of explanation, particularly in view of the large 6G values of 
tr 
some ions (cf. Chapter III) indicates further that ionic coordination 
by solvent molecules must be a part of any successful model of cationic 
salvation. 
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SOME APPLICATIONS OF WORK FROM THIS THESIS 
Chemical research serves two purposes: the expansion of our 
chemical knowledge and the improvement of our technology. Unfortunately 
these two functions are often highly quantized into academic and 
industrial research, and much of one, which would be of use to the 
other, is lost through poor communication between researchers in these 
two areas. 
The work contained in this thesis was carried out with a view to 
investigating the role of specific ion-solvent interactions in the 
salvation of ions. It dealt largely with the behaviour of metal ions, 
and as a consequence of this emphasis, has led to research in the non-
academic area of mineral technology, particularly in the area of copper 
refining (cf. Parker, 1972). 
Copper is commonly refined from an aqueous medium, containing 
cupric sulphate, sulphuric acid, and any soluble impurities from the 
anode (Butts, 1954). The anode reaction is Cu 0 + +2 -Cu + 2e and the 
h d . . C +Z 2 -cat o e reaction is u + e + Cu 0 , and since these reactions 
involve two electrons, each Faraday of current passed will transport 
only half of a mole of copper from the anode to the cathode. However, 
+ + +2 
as can be seen from the potentials of the Cu/Cu and Pt/Cu ,Cu couples 
in MeCN-H2O mixtures (Figure 1, cf. Figure 2 and Chapter IV) the cuprous 
ion is stable in these mixtures, even at relatively low MeCN 
concentrations; moreover, in mixtures having low MeCN concentrations 
the remaining ions will behave in much the same way that they do in 
aqueous solutions (Chapter IV)~ Therefore it should be possible to 
electrorefine copper from cuprous solutions in acidified MeCN-H2O 
mixtures, with the advantage that for the one electron process, each 
Faraday will transport one mole of copper from the anode to the cathode. 
To test the potential of refining copper from MeCN-H2O mixtures, 
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experiments were carried out in aqueous and MeCN-H20 media as l i sted in 
Table 1. 
As can be seen from the results of Table 1 the power consumption 
in the MeCN-H20 system was lower than that in the aqueous system. 
Moreover, since more copper is transported per unit current passed in 
the MeCN-H20 system, the throughput of copper in similar cells, at 
the same current density, is double in the MeCN-H20 system. The 
purity of the cathodic copper from the MeCN-H20 system was comparable 
to that refined in commercial processes (99.999 per cent minimum); all 
of which indicates that the process may have some advantages over the 
present commercial process. Obviously other factors such as the 
quality of deposits, loss, toxicity, and cost of the nitrile must be 
considered to determine if the process is commercially viable. 
Other processes can be envisioned which make use of the fact that 
the equilibrium Cu+ Cu+2 t 2Cu+l lies well to the right in MeCN-H20 
mixtures (log K = -6.2 in H20 and +7.5 in 0.1 mole fraction MeCN, 
Figure 2). This means that in MeCN-H20 mixtures solutions of cupric 
ions will react with metallic copper to form cuprous solutions. Thus 
crude copper, such as that produced in the Torco process (Pinkney and 
Plint, 1967), or the blister copper produced in the normal smelting 
procedure, can be readily dissolved to form cuprous solutions. 
The copper can be reclaimed from these cuprous solutions by 
electrolysis using an inert anode and depositing copper on a copper 
cathode (Figure 3). In this case the cathode reaction is Cu++ e- ~ 
+ +2 -Cu 0 and the anode reaction is Cu ~ Cu + e , which replenishes the 
cupric solution, which in turn can be used to dissolve more of the 
crude copper and then cycled back into the electrolysis cell at the 
cathode. 
Another, novel, method of reclaiming the copper metal from cuprous 
solutions in aqueous-MeCN is to remove the nitrile by distillation. 
96 
Table 1 
Comparison of Electrorefining Processes for copper from Aqueous 
and Aqueous-Acetonitrile Mediaa 
Solvent 
Acid Concentration (v/v) 
(H2so4) 
Copper Concentration (w/v) 
(as copper ions) 
-2 Current Density (a.ft ) 
Voltage (mv) 
Still Solution 
Stirred Solution 
Efficiency 
Power Consumption 
Kw.hr. lb-1 
Still Solution 
Stirred Solution 
Aqueous 
10% 
3% 
18 
195 
160 
>95% 
0.073 
0.062 
10% (vlO) 
Aqueous Acetonitrile 
10% 
3% 
18 
290 
160 
0.056 
0.031 
a) Measured using 4 sq. in. electrodes, with a 1 in. separation at 40°c. 
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Figure 1. Potentials of the cupric-cuprous and cuprous-copper 
couples against the AglAgCl0 4 (o.0lM) I I half cell in MeCN-H20 
mixtures. 
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Figure 2. Equilibrium constants (K) of the equilibrium Cu+2 + 
-+ + Cu 0 + 2Cu in MeCN-H20 mixtures. 
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When the nitrile concentration reaches a sufficiently low value (2 moles 
MeCN:lmoleCu+) the equilibrium Cu 0 + Cu+2 t +1 2Cu , which lies well to 
the right at high nitrile concentrations, is shifted to t he lef t and 
disproportionation of the cuprous ions occurs (Figure 2). The products 
are essentially pure copper powder and a cupric solution which can be 
recombined with the nitrile and used to dissolve more of the crude 
copper (Figure 4). 
The commercial processes used to electrorefine silver (Sneed, et al., 
1954) are complicated by the fact that silver deposits from aqueous 
media are non-adherent and crystalline. Moreover, the crystals are 
dendritic (spike-like) in nature and so, if they were allowed to grow, 
would short circuit the electrolysis cell after only a small part of 
the silver had been transferred from the anode to the cathode. To 
overcome these problems the electrodes are encased in canvas and the 
crystals mechanically removed from the cathode. The presence of the 
canvas around the electrodes inhibits diffusion between the electrodes, 
and so raises the cell voltage required (to -2.3 volts from < lv). 
As can be seen from the results of Chapters III and IV there are 
marked similarities in the chemistry of silver and cuprous ions; and 
as it was found that reasonable deposits of copper could be obtained 
from cuprous solutions in aqueous MeCN it was decided to investigate 
the possibility of electrorefining silver from this medium. An 
additional feature of using this medium is that because of the increased 
salvation of the silver ion (over the aqueous medium), silver sulphate, 
which has a low solubility in water (-O.Bg/100 ml at 25°c), should be 
soluble. The use of silver sulphate as source electrolyte makes possible 
the use of sulphuric acid, rather than cupric nitrate, as a background 
electrolyte to reduce the solution resistance. Of course in the present 
commercial processes, which use silver nitrate, acid cannot be present 
as nitric acid would attack the anode and cathodic silver. 
Inert 
Anode 
+ Cu 
+2 Cu+ Cu 
Cu 
Powder 
Figure 3. Flow diagram for the electrowinning of copper from 
cuprous solutions. 
2C + u / 
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,. MP1.N 
,v 2Cu+ 
+ 2Cu 
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+ Cu+Z ' 
l/ Cu 
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# 
/ 
' ' ,,,, / 
Figure 4. Flow diagram for 'powdet' refining of copper metal. 
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Preliminary experiments indicated that silver deposi ts from 
acidic MeCN-H20 mixtures (30% v/v, MeCN) were adherent and not dendritic, 
although not as hard as the copper deposits from similar media. Since 
the electrodes did not require encasement with canvas the cell potentials 
were considerably lower (500 mv), and no mechanical removal of the 
deposits was necessary. These advantages must be considered in the 
light of such factors as the relattvely high cost of MeCN and an increase 
in the refining time which might be required to obtain satisfactory 
deposits; however, it is apparent that some benefits exist in the process 
using MeCN-H20 as the electrorefining medium. 
This is not an exhaustive of the possible applications of the ideas 
and results of this work to industrial systems; rather it is a 
description of some of those applications which have been investigated 
and found to have some commercial potential, during the course of this 
work. 
102 
EXPERIMENTAL 
Solvents 
Since much of the work done involved dilute solutions, the 
presence of impurities, particularly in the .measurement of standard 
electrode potentials, could have had profound effects. All solvents 
were used within four weeks of purification, and those considered 
unstable, especially dimethylf~rmamide and glycolonitrile, were used 
within two weeks. Solvents were checked by voltammetry at a rotating 
platinum disc electrode and showed no oxidizable or reducible impurities 
-5 
above 10 molar. In cases where the presence of water was likely to 
have an eff~ct solvents were checked by Karl Fischer titration; in all 
cases the water content was below 0.05 per cent. · In addition 
potentiometric measurements were checked for Nernstian behaviour, if a 
solvent impurity was complexing the ion under consideration the change 
in potential on dilution would be too large. 
All solvents used were purified from analytical grade supplies 
unless otherwise stated. In the cases where distillations were used 
the initial and final ten per cent were discarded in each distillation 
step. 
The following solvents were dried over the drying agent indicated 
in parentheses and fractionally distilled twice at atmospheric pressur e: 
Trifluoroethanol (potassium carbonate) (A. Kivinen and J, Murto, 1967), 
Nitromethane (calcium sulphate); 'Methartol and Ethartol (activated 
magnesium turnings) (Vogel, 1956), 
Similarly the following were dried and twice distilled at 0.5 to 
3 mm pressure: Dimethylsulphoxide (calcium hydride), Formamide (calcium 
sulphate), Propylene Carbonate (calcium sulphate) and N-Methyl-2-
pyrrolidone (calcium sulphate). 
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Acetgnitri ~~ was purified by the method of Coetzee et al. (1962). 
It was stirred over calcium hydride and decanted from the solid, 
fractionally distilled from -phosphorous - pentoxide (5 grams per litre) 
and finally fractionally distilled from calcium hydride (5 grams per 
litre) (bp 79.5-80.8°c at 760 mm). 
Dimethylformamide was purified by the method of Moe (1967). It 
was initialiy dried over molecular sieves, then passed through a column 
of basic activated alumina (100 grams per litre), nitrogen was bubbled 
through · the liquid until the solvent was · odourless, and the solvent 
was finally fractionally distilled (bp 40°~ at 8 mm). 
Hexamethylphosphoramide was initially distilled at 1 mm pressure 
,_ 
and then crystallized with stirring three times in an ice acetone 
slurry (mp= 7°c, lit. 7°c). 
Water was distilled from an all glass still. 
Sulpholane was purified by a variation of the method of Jones 
(1966). It was distilled at 4 mm pressure from 39 per cent hydrogen 
peroxide and 98 per cent sulphuric acid (30 ml of each per 500 ml of 
solvent), redistilled at 4 mm from crushed sodium hydroxide, and 
finally fractionally distilled from calcium hydride (bp -9o0 c at 4 mm 
pressure). 
Glycolonitrile was prepared from formaldehyde -and potassium 
cyanide by the method of Gaudry (1947). It was fractionally distilled 
once (bp 86°c at 8 mm, lit. 86-88°c at 8 mm). 
Hexamethylphosphorothioamid~ was prepared in the following way. 
Seventy grams of phosphorous trichloride was dissolved in 500 ml of 
dry ether and 300 ml of dimethylamine. dissolved in one litre of dry 
ether, was added dropwise with stirring. The temperature of the 
reaction was kept below -2o0 c by immersion in an acetone-dry ice bath. 
When the reaction was completed it was warmed to 20°c and 20 grams 
of precipitated sulphur added slowly with stirring, the reaction was 
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maintained below 35°c by immersion in an ice bath. The excess sulphur 
was removed by filtration, and carefully washed with dry ether. The 
ether was removed and the product twice fractionally distilled (bp - 65°C 
0 0 0 
at 1 mm, mp 28-29 C, lit. 63 at 1.2 mm and mp 29 C, Vetter and Noeth, 
1963). 
Dimethylthioformamide was prepared from dimethylformamide and 
phosphorouspentasulphide by the method of Pettit and Garson (1965) and 
was fractionally distilled twice (bp 84°c at 7 mm, lit. 77.0-77.6°C at 
3-4 mm). 
Electrolytes 
All salts were dried at 1 to 3 mm pressure for at least 24 hours 
before use. The purity of salts was checked by silver or halide 
titration, or by atomic absorption spectroscopy of the metal ion. 
Water of crystallization was determined by Karl Fischer titration. 
The following salts were analytical grade, having purity greater 
than 99 per cent by analysis, unless otherwise indicated, and were 
dried at the temperatures and to the hydration numbers indicated in 
parentheses: 0 silver perchlorate (60 C, anhydrous) (LR BDH), silver 
nitrate (60°c, anhydrous), cadmium perchlorate (60°c, 6H20), cupric 
perchlorate (60°c, SH20), cupric chloride (60°c, LR), ferrous 
perchlorate (40°c, 7-8H20), ferric perchlorate (40°c, 10 H20), sodium 
perchlorate (100°c, anhydrous), sodium tetraphenylborate (40°c, in the 
dark, LR 96 per cent), thallium nitrate (S0°c), zinc perchlorate (60°c, 
4H20), 
Potassium chloride, bromide and iodide (all 150°c, anhydrous) and 
potassium perchlorate (loo0 c, anhydrous) were recrystallized twice from 
water. 
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Tetrabutylammonium and tetraethylammonium halides (60°c, anhydrous) 
were recrystallized from dimethylacetamide and washed with dry e ther, 
Sodium azide (60°c, anhydrous) was recrystallized from aqueous 
ethanol. 
0 . 
Tetraphenylarsonium chloride (SOC, anhydrous) was recrystallized 
from an ethanol, acetone, ether mixture. 
Tetraethylammonium and tetfa,abutylammonium perchlorates and 
' 
picrates (60°c, anhydrous) were prepared by neutralization . of th~ 
hydroxides (Eastman Chemicals, 10 per cent aqueous) with aqueous 
perchloric, or methanolic picric acid solutions, and recrystallizat ion 
of the precipitated salt. The perchlorates were recrystallized from 
water (tetraethylammonium) or acetone (tetrabutylammonium) and the 
picrates were recrystallized from methanol. Solutions of all salts 
were neutral (pH 6-8) indicating that there was no excess acid or base. 
Tetraphenylarsonium bromide, iodide and picrate (60°c, anhydrous) 
were prepared by mixing aqueous tetraphenylarsonium chloride solut ions 
with equimolar amounts of aqueous sodium bromide, sodium iodide and 
methanolic picric acid respectively, and recrystallizing the precipitated 
salts. The halides were recrystallized ·from acetone and the picrate 
was recrystallized from methanol. The picrate gave neutral solut ions. 
Tetraphenylarsonium and tetrabutylammonium tetraphenylborates 
(60°c, in the dark, anhydrous) were prepared by mixing aqueous sodium 
tetraphenylborate solutions with equimolar amounts of aqueous 
tetraphenylarsonium or tetrabutylammonium chloride solutions, 
recrystallizing the precipitated salt from dimethylacetamide, and 
washing it with dry ether. 
Cuprous solutions, in solvents where they were stable, were 
prepared from the corresponding cupric solutions, either by reduction 
with metallic copper powder, which doubles the copper ion concentration, 
or by electrolytic reduction at a platinum electrode, which maintained 
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the copper ion concentrations. Generally the former method was 
preferr ed because of uncertainty about the products of the oxidation 
step at the counter electrode. In all cases solutions were deoxygenated 
by passing nitrogen through the solution to prevent reoxidation to 
cupric ions. 
A sensitive test for cupric ions, which was used to ensure that 
all the cupric ions had been reduced to cuprous ions in these solutions, 
is to drop some of the solution onto solid pota ssium iodide. Cupric 
ions liberate i odine, giving a brown or yellow colour while cuprous 
ions cause no colour change. Unfortunately the test is nonspecific 
and virtually any oxidizing agent, including the proton, will liberate 
iodine; so the test can only be used for solutions in which cuprous 
and cupric are the only cations present. 
Non-Electrolytes 
Iodine (analytical grade) was purified by sublimation. 
Ferrocene (Aldr ich. mp 174~176°c) was purified by recrystallization 
from n-hexane. 
Methyliodide was stirred over mercury for two hours to remove any 
iodine present and fractionally distilled (bp 42°c, lit. 42.5°c) . 
20 4-nitrofluorobenzene was obtained commercially (Aldrich, n = 
s 
1.5318) and used without further purificat i on. 
Tetraphenylmethane was prepared from triphenylmethane by t he 
\ 
method of Alexander (1969). That is: triphenylmethane (10 grams) 
dissolved in dry dimethylsulphoxide (75 ml) was treated with sodium 
hydride (0.9 grams) and the mixture stirred' at 40°c for two hours; 
then chlorobenzene (10 ml) was added dropwise, with stirring, and the 
reaction mixture was warmed to 80°c for one hour; finally the react ion 
mixture was poured into water (200 ml) and extracted twice with benzene 
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(100 ml aliquots), and the benzene was removed, leaving the product. 
The solid was purified by one recrystallization from benzene, two from 
dimethylacetamide, and finally one from glacial acetic acid (mp 285 -
2860c, lit. 285-28S.7°c). 
Amalgams 
In all cases commercially available mercury (analytical grade) and 
metals (minimum 99.99 per cent by manufacturer's analysis) were used. 
Sodium amalgam (0.2 per cent) was prepared by adding the freshly 
cut sodium to the mercury under a layer of toluene (Vogel 1956, p.199). 
Since the amalgam reacted with atmospheric moisture, it was prepared 
freshly for each set of measurements, and kept under an atmosphere of 
dry nitrogen. 
Cadmium and zinc amalgams (saturated) were prepared by stirring 
the cleaned metal with the mercury until unreacted metal remained. 
The metal surfaces were cleaned by immersion in dilute nitric acid 
and careful washing with distilled water. 
Thallium amalgam (2 per cent) was also prepared by stirring the 
cleaned metal with mercury; however, in this case the metal was cleaned 
by scraping with an abrasive and then rinsed with water. 
Techniques 
Potentiometry 
Potentiometric measurements were made with a Radiometer Type 26 
pH meter. The solutions were contained in all glass cells and kept 
under an atmosphere of dry, or in the case of volatile solvents, 
solvent saturated, nitrogen. 
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In most cases the potentials were stable after a second or so; 
however, in a few cases, notably that of the zinc redox couple, and 
occasionall y the cadmium couple, the potentials drifted slowly (±5-20 
millivolts per minute) and measurements were made of the potential 
where the slow drift began. The drift was usually accompanied by a 
change at the electrode surface (grey scum formation) or occasionally 
by the seepage of tetraethylammonium picrate from the salt bridge to 
the amalgam surface. 
Two arrangements of glass cells were used: an H-cell with chambers 
for the reference and test solutions, separated from the middle chamber 
by medium porousity glass frits; and individual chambers, connected by 
a removable, i nverted U-tube salt bridge. Contact between the salt 
bridge solution in the U-tube and the reference and test solutions was 
made through either medium porousity glass frits, or pin-holes, covered 
by ground glass sleeves. All configurations of salt bridge gave the 
same results, but the H-cell was preferred when a precipitate was 
likely to form at the junction since the frits provided a larger contact 
area, and so were less likely to be blocked. 
Measurements in which an amalgam or iron p0wder was used as an 
electrode were made using the second cell configuration, with the 
appropriate chamber having a platinum wire sealed into the bottom. 
Platinum electrodes and contacts were cleaned by immersion in 1:1 
nitric acid and rinsing, followed by immersion in O~lM ferrous sulphate, 
and a final rinsing with d:Lstilled water. Silver and copper metal 
electrodes were wires (99.99 per cent minimum) and were cleaned by 
scraping with a fine abrasive before each measurement. All of the 
amalgams used as electrodes were liquid, . and were poured onto the 
cleaned platinum contacts through deaerated solutions. Measurements 
of a metallic iron electrode were made on cpmmercially available 
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reduced iron powder (BDH). Great care was necessary to exclude oxygen 
from the cells during measurements, and so they were run in a drybox 
under an atmosphere of nitrogen. The results in water were consistently 
60 millivolts more positive than the literature value (Randall and 
Frandsen, 1932) after 30 to 60 minutes equilibration. 
Voltarnmetry and Electrolysis 
Voltarnmetric measurements and electrolyses were carried out with 
a Beckman Electroscan 30, and in all cases were carried out on 
solutions, deaerated by passing nitrogen through them, and kept under 
a nitrogen atmosphere. 
-
Voltarnmetry was carried out in glass cells (20 ml capacity) with 
teflon covers fitted for a nitrogen bleed, salt bridge or reference 
electrode, working electrode, and a platinum wire auxiliary electrode. 
Electrolysis cells were similar but were larger (50 ml capacity), were 
fitted with a platinum gauze working electrode, and had the auxiliary 
electrode separated from the main cell compartment by a glass frit. 
To enable electrolysis products to be studied easily the cell was also 
fitted to take the voltarnmetric working electrodes. 
The reference electrodes used were either saturated calomel, or 
a silver wire in contact with a O,OlM silver perchlorate solution in 
the appropriate solvent. Because of the three electrode configuration 
used with a high impedance (109 ohms) between the auxiliary and 
reference electrodes, no current was passed through the reference 
electrode, so polarization was not a problem. In all solvents 
considered the silver reference cell gave steady and reproducible 
results (±1 mv). 
Cyclic voltamrnetry involves successive anodic and cathodic sweeps 
over a potential range. The . initial sweep involves the oxidation or 
reduction of a substance and the return sweep the reduction or 
oxidation of the product of the first sweep. It is carried out in 
still solutions, at a stationary electrode, to prevent loss of the 
product of the first sweep from the electrode surface, Reversible 
redox couples can be characterized by a 60 millivolt separation of 
n 
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the anodic and cathodic peaks (Nicholson and Shain, 1964), where n is 
the number of electrons involved in the electrode process. 
Cyclic voltammetry was carried out at either a hanging mercury 
drop, or a stationary platinum disc inset into a non-conducting plastic 
matrix. The available sweep ratio ranged from 30 to 0,03 volts per 
minute but runs were commonly made at 0.12 or 0.24 volts per minute. 
Polarography at a dropping mercury electrode, and voltammetry at a 
rotating platinum disc were commonly carried out at sweep rates of 
0,03 and 0.06 volts per minute respectively. A Beckman rotating 
electrode assembly with variable rotation speeds from Oto 100 
revolutions per second was used. Measurements were generally made at 
10 or 20 revolutions per second. 
In addition to the ferrocene-ferricinium system studies, these 
electrochemical techniques were used to qualitatively study and 
characterize several systems, particularly the cuprous-cupric system, 
where the stability of cuprous ions was easily evaluated. 
Solubility Measurements 
Silver Salts (AgX) 
The solubility products of sparingly soluble silver salts were 
determined from potentiometric titrations (Alexander et aZ., 1967) 
of dilute solutions (generally O.OlM) of the tetrabutylammonium 
halides, or sodium azide, thiocyanide or tetraphenylborate with silver 
perchlorate or nitrate solutions of similar concentration in the same 
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solvent. The reference electrode for these measurements was a silver 
wire in contact with a sample of O.OlM silver perchlorate solution in 
the solvent under study, and was connected to the test solution by a 
O.lM tetraethylarnmonium perchlorate salt bridge. The activity of 
silver ions in the titration cell was followed with a silver wir~ 
indicator electrode. 
The activity of silver ions in the titration cell at any point 
can be determined from the cell potential at that point from the 
equation 
= 
~E 
0.059 + (1) 
where aAgT and aAgR are the activities of silver ions in the titration 
and reference cells respectively and ~Eis the cell potential in volts. 
For solvents in which the only significant equilibrium is Ag+ + -x1~ 
AgX the solubility products of the silver salts (AgX) can be estimated 
by the square of the silver ion activity at the equivalence point. 
However, the value of ~Eat the equivalence point is difficult to 
determine accurately and so the method is unsatisfactory. The method 
used was to calculate the silver ion activity from the cell potentials 
at a variety of points along the titration · curve and calculate the 
anion concentration at each point by assuming quantitative precipitation 
of the silver salt. The anion concentration must also be corrected for 
the dilution caused by the addition of the silver solution. The values 
of the solubility product calculated at the various points generally 
agreed within ±5 per cent of the average value. 
For systems where the complex AgX2 is formed, as in most dipolar 
aprotic solvents, the titration curve showed two plateaux and two 
inflections, the first occurring at the half equivalence point of the 
titration. The first plateau corresponds to the equilibrium Ag+ 2X 
-+ 
+ 
-AgX
2 
for which the equilibrium constant K1 = 
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, and the 
- + 
second plateau corresponds to the equilibrium AgX2 + Ag 
-+ 
+ 2AgX+ fo r 
1 
which the equilibrium constant K2 = [ -][ +]• AgX2 Ag 
+ - -½ 
solubility product Ksp = [Ag] [X] = (K1 .K2) • 
In this cas e the 
The equilibr ium constants K1 and K2 were calculated in t he same 
way as the solubil ity products in the one step system, except t hat in 
the first step each mole of silver was considered to react 
quantitatively with two equivalents of anion. 
Other Electrolytes 
The solubilities of the remaining electrolytes were measured by 
analysis of the appropriate saturated solutions. The saturated 
solutions were prepared by first shaking the solid electrolyte with 
the solvent to remove any surface impurities, discarding the first 
aliquot of solution, and then either equilibrating the solid with t he 
pure solvent at 25°c (30°c for sulpholane) for 48 hours, or heating 
the system considerably above 25°c (35-40°c) and then equilibrating 
the solution with the solvent at zs0 c for 48 hours. In the case of 
sparingly soluble salts, repeated determinations were made using the 
same solid sample to insure that impur i ties were having no effect . 
Potassium and tetraphenylarsonium halide solutions were ana lysed 
by potentiometric titration of the halide with standard aqueous silver 
nitrate solution, 
Potassium perchlorate solutions were analysed for potassium by 
atomic absorption spectroscopy. 
Tetraphenylarsonium tetraphenylborate solutions in nitromethane, 
n-methyl-2-pyrrolidone, and acetone were analysed by titration with 
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standard solutions of silver perchlorate in the solvent under study. 
Solutions in ethanol and hexamethylphosphoramide wer e analysed by 
ultra-violet spectroscopy. To determine the molar ex t inct i on 
coefficients ( E) the spectrum of tetraphenylarsonium tetrapheny l borate 
was approximated by the sum of the spectra of equimolar solutions of 
sodium tetraphenylborate and tetraphenylarsonium chloride. The 
calculated values of the molar extinction coefficients of tetraphenyl-
arsonium tetraphenylborate in ethanol were: 3 
€275 = l . 9xlO ' €2 72 = 
3 3 3 l,8xl0, E270 = 2.0xlO, E267 = 2,8xl0 , 
3 hexamethylphosphoramide E275 = 3. 3xl0 , 
3 
E265 = 2.8xl0 and in 
E272 = 4.2xl0
3
, E270 = 4.6x l0
3
, 
3 E265 = 5.8xl0 , where the subscripts refer to wavelength in nanometers . 
Tetraphenylmethane solubilities were determined by vapour phase 
chromat ography (v.p.c.) of the saturated solutions on an SE-30 column , 
0 
operated at 180 c.- The instrument, a Perkin Elmer 881 gas 
chromatograph, was equipped with a flame ionization detector. 
Analysis was carried out by mixing a known volume of the saturated 
solution wi t h a known amount of a standard solution of tr i phenylmethane 
in dimethylsulphox ide and comparing the peak areas. The response 
factor of triphenylmethane was calibrated against that of te t raphenyl-
methane by the same procedure but with a solution of tetraphenylmethane 
of known concentration in dimethylsulphoxide. Peak areas wer e measured 
by cutting them out and weighing them, and wer e reproduc ible t o ±5 per 
cent. 
Stability Constants 
The stability constants of silver complexes were determined 
potentiometrically as described in the section on silver sal t 
solubility products. 
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The triiodide system in trifluoroethanol was studied by ultra-
violet spectroscopy. The equilibrium constant was determined by the 
method of continuous variations (Rossetti and Rossetti, 1961). 
Measurements of the optical density were made at 276 mm where E(I 2) = 
651 and E(I3 ) = 3.23xl0
3 
and at 348 mm where E(I 2) = 441 and E(l;) = 
5 2.55xl0 • The results indicated the presence of only the 1:1 complex 
er;) and the equilibrium constants calculated at the two wavelengths 
agreed within 5 per cent of the average value. 
Kinetics 
The reaction of methyliodide with bromide ion (as tetrabutyl-
ammonium bromide) was followed by the titration of unreacted bromide 
ion and liberated iodide ion with standard aqueous silver nitrate 
solution (O.OlM). The reactions were carried out in a series of 
sealed glass ampoules thermostated to the appropriate temperature 
(25.o±o.5°c for ethanol, 50.0±o.5°c and 75.0±0.5°c for trifluoroethanol) 
and quenched by breaking the ampoules into aqueous 10 per cent sulphuric 
acid at the appropriate times. The second order rate constants were 
determined graphically from the second order rate equation (Laidler, 
1965, p.9): 
kt = _]_ 1 n (b-x) + canst. b-a L(a-x) 
where k is the second order rate constant in litre mole-l second-1 , 
tis the reaction time in seconds, a and bare the initial 
-1 
concentrations of the · reactants in mole litre and b>a, and xis the 
-1 
concentration of the product in mole litre at time t; from the 
b-x 
slopes of plots of ln against t. 
a-x 
The react ion of 4-nitrofluorobenzene with azide ion was studied 
under pseudo first order conditions (a ten-fold excess of sodium azide 
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present), spectrophotometrically at 300 nm with a Gilford model 2400 
spectrometer, The cell compartment was thermostated to 25 ±0.1°c and 
the temperature monitored during the reaction. The second or der rate 
constants (k) of the reaction were calculated from the pseudo-first 
k' -
order rate constants (k') by the expression k = [N-] where [N3 ] is the 3 
concentration of azide ion. The pseudo-first order rate constants 
were determined graphically from the expression -k't = ln(a-x) where t 
is the reaction time in seconds, a is the 4-nitrofluorobenzene 
concentration in mole litre-land xis the product concentration in 
mole litre-lat the time t, from the slope of a plot of ln a-x against 
t. 
Henry's Law Measurements 
The apparatus used to measure Henry's law constants was as 
described by Grunwald and Winstein (1948). It consisted of a 500 ml, 
three necked, round bottom flask, thermostated in a water bath (25 . 0± 
0 0.3 C). The flask contained a magnetic stirring bar and was connected 
to a vacuum pump, a manometer and a burette. The manometer was read 
to ±0.05 mm with the aid of a photocell type level sensor. 
Measurements were made by introducing 10 ml of the solvent into 
the flask and evacuating to about the vapour pressure of the solvent . 
The pressure was measured and aliquots of a solution of the solute 
under study were introduced through the burette, the pressure being 
measured after each addition. 
The Henry's law constant of a solute is simply calculated from 
the expression~=; where~ is the Henry's law constant in mm litre 
-1 
mole , Pis the solute vapour pressure in mm of mercury and a is the 
-1 
solute concentration in mole litre • 
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Calorimetry 
Heats of solution of solvents in each other were measured with a 
Guild model 400 solution calorimeter, as described by Arnett et al . 
(1965). Measurements were made in a vacuum jacketed cell having a 250 
ml capacity. The teflon cell cap was fitted with a thermocouple to 
detect temperature changes, a stirrer, -and an electric heating coil. 
The thermocouple was connected to a chart recorder (0-1 mv range) 
through a base line compensator which supplied a continuously changing 
voltage to compensate for the heat of stirring. 
The system was calibrated 'try pa·ssing current through the heater 
(100 ohms, precision) at a known voltage for a measured time, and 
recording the resultant temperature change of the solution. Liquid 
samples were then added from a syringe and the resultant temperature 
changes compared with the calibration. From the values of the heat 
evolved or absorbed and the amount of liquid added, the enthalpy of 
-1 
solution (Kcal mole ) of the various liquids was determined. 
0 All measurements were made in a thermostated room (23.0±0.5 C) 
and solvents, solutes and syringes were equilibrated in the room before 
measurements were made. 
Proton Magnetic Resonance (p.m.r.) 
P.m.r. studies of el~ctrolyte solutions in mixed solvents were 
' 
made using a J.E.O.L. Mini Mar 100 spectrometer. The positions of the 
methyl group protons of the organic solvents were measured relative to 
cyclohexa~e or sodium 3-(.trimethylsilyl) propanesulphonate if cyclo-
hexane was insoluble (internal standards). A frequency counter, 
accurate to ±0.l Hz was ~sed for all measurements. Solutions were 0.15M 
for the paramagnetic cupric ions and 0.2-0.5M for the various diamagnetic 
ions. 0 All measurements were made at 32 C (normal ~robe temperature). 
APPENDIX 
Results Not Recorded Elsewhere in This Work 
Instability Constantsa,b 
-log KINST 
NMe.Py HMPT PC TFE 
AgC12 16.1 
AgBr 2 15.6 
AgI 2 16.5 17.0 2141 7 3.2 
Ag(N3)2 12.9 
Ag(SCN) 2 11.9 
13 3.2 
a) Abbreviations: NMePy, n-methyl-2-pyrrolidone; HMPT, hexamethyl-
phosphoramide; PC, propylene carbonate; TFE, trifluoroethanol. 
b) Molar concentration scale. 
Solubility Productsa 
-log K b 
sp 
GN TFE Et0H 
AgCl 7.1 
AgBr 9.3 
Agl 12.6 
KCl o.o 3.4 4.8 
l(Br -0.3 3.0 4.0 
KCl04 6.9 6.3 
a) Abbreviations: GN, glycolonitrile; TFE, trifluoroethanol; 
Et0H, ethanol. 
b) Molar scale, not corrected for Debye-Huckel activity effects. 
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